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Preface 


Chemical kinetics is a branch of physical chemistry. There are many 
excellent books on physical chemistry that describe the basic principles of 
chemical kinetics. There is a wide difference in the curricula of universities 
in India as well as in developing countries. Students often find it difficult 
to select the required material for a course in chemical kinetics prescribed 
in the syllabi. There is no adequate textbook on this discipline which can 
serve as a ready source for students. This book has grown out of my 
attempts, over two decades, to introduce chemical kinetics to students. 

This book is designed with the objective of presenting the logical founda- 
tion of chemical kinetics, The text is intended for the students of under- 
graduate and postgraduate classes and covers practically the complete 
curricula of BSc, BSc (Hons) and MSc of most Indian universities. It will 
also be useful to anyone who wishes to study chemical kinetics. 

I am highly indebted to my teacher, the late Prof. A К Bhattacharya, who 
introduced me to the field of chemical kinetics. I should record my appre- 
ciation for Mr P A Abraham, who has carefully and very critically read the 
manuscript. I wish to thank Dr S C Garg especially for his constructive and 
friendly advice. Thanks are also due to Mr Rajendra Prasad Namdeo for 
preparing neat diagrams. 

Iam grateful to Prof. S Aditya, Department of Chemical Technology, 
University Colleges of Science & Technology, Calcutta, Dr S L Bonde, 
Nowrosjee Wadia College, Pune, and Dr Р K Saiprakash, Professor of 
Chemistry, Osmania University, Hyderabad, who have made a number 
of valuable suggestions. Finally, I heartily thank my wife, Mrs Prabha 
Agrawal, and daughters, Priti and Neeti, for the understanding and patience 
they have shown all along, especially during the compilation of the book. 


G L AGRAWAL 
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Kinetic Terms 


1.1 INTRODUCTION 


If we just look around, we can find various chemical processes taking place 
in a routine way. Have we ever thought why (1) wood can be burnt in 
atmosphere but glass or stone cannot, (2) air does not affect silver, gold, 
platinum or noble metals, (3) the human digestive system can digest rice and 
wheat but not animal food, (4) Group VII elements such as F, Cl, Br, 
combine quickly with alkali metals but zero group elements are inert. 
These observations raise a fundamental question—why does a chemical 
reaction takes place? This can be explained thermodynamically by taking 
into account the energies of the reactants. 

Now, there are other questions also associated with a chemical reaction, 
e.g. to what extent a reaction occurs, how fast it moves, if slow, can the 
reaction be made to occur more quickly, etc. Such questions concerning the 
rate or speed of reactions and the conditions which affect the rate form the 
basis of Reaction Kinetics. 

An idea of the extent of the reaction can be obtained by the application 
of chemical thermodynamics, wherein the amounts of the products and 
reactants are compared after the system has attained equilibrium. Thermo- 
dynamics has, however, nothing to say about the rate at which a chemical 
reaction takes place. 

In order to show how the thermodynamic and kinetic control differ, let 
us consider the reaction: 

2H» + O2 — 2H20 
The reaction is thermodynamically feasible and is exothermic (227 kJ mol") 
corresponding to an equilibrium constant of 104. Yet, under ordinary con- 
ditions, the reaction does not take place-it is too slow. The reason is that 
before the H—O bonds are formed, the bonds between H—H and O—O 
must be broken 
2 H—H + 0—0 —— 2 HOH 

The final state is energetically lower than the initial state. The system must 
cross this energy barrier in the process, reactants ——> products. But as 
soon asa catalyst is introduced, the reaction will occur with a very high 
velocity. Chemical kinetics thus probes details of these energy barriers by 
examining the dependence of rates of reaction on composition, temperature 
and pressure. Chemical kinetics compliments thermodynamics by supplying 
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information about the rate of a chemical reaction. On the other hand the 
study of the rate of a chemical reaction gives an insight into its mechanism, 
whether the reaction takes place in one step or in a series of steps. The 
study of chemical kinetics is indeed important in understanding the behavi- 
our of a chemical system. 

The law of mass action provides a quantitative basis for kinetic investi- 
gations. L. Wilhelmy was probably the first to investigate the inversion of 
sucrose in aqueous solutions of acids in 1850. By measuring the optical 
rotation of sucrose solution in a polarimeter at constant temperature he 
concluded that the rate of decrease in concentration of sucrose at any 
instant is proportional to the amount of unconverted sucrose present at 
that time. 

This followed the work of Bertholet and St. Gilles, in 1862, on the equili- 
brium study between acetic acid, ethanol, ethyl acetate and water. In 1863, 
Cato Guldberg and Peter Waage came forward with their important paper 
on the law of mass action emphasising the dynamic nature of equilibrium. 
According to this law “the rate of a chemical reaction is directly propor- 
tional to the product of the active masses of the reactants”. The ‘‘active 
mass" means molecular concentration, i.e. the number of gram molecules 
of the substance per unit volume. 

The measurement of the rate of reaction is a tedious job for many reac- 
tions. Certain reactions occur almost instantaneously. Ionic reactions fall 
in this category. On the other hand, there are reactions which are very 
slow and an appreciable amount of product is not obtained even after 
years. But there are reactions such as decomposition of oxalic acid and 
hydrogen peroxide, hydrolysis of cane sugar and muta-rotation of glucose, 
whose rates can be measured easily in the laboratory. 

The reaction is generally carried out at constant temperature as its rate 
is very sensitive to change in temperature. The rate of reaction may be 
measured by chemical or physical methods following the change in con- 
centration. The chemical method involves withdrawing a known volume of 
sample at different intervals of time and estimating the amount of reactant 
or product. In the physical method, the advantage of any physical property 
such as optical rotation, optical density, conductivity, refractive index, 
dielectric constant, etc., may be taken to follow the progress of the reaction. 
The kinetics of fast reactions are studied by special techniques. 


1.2 TYPES OF REACTION 


From the kinetic standpoint, chemical reactions can be divided into two 
groups—homogeneous and heterogeneous. In the former case the reaction 
occurs in one phase only and the system is uniform throughout. For 
example, 


Hz + k —> 2HI 
gas gas gas 


EY eee. See ee 
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HCI(1) 
CH3COO CH3(1) + H20(1) ——> СНз COOH(1) + СНз OH(1) 
In a heterogencous reaction, the reaction occurs on the surface of a catalyst 
or the walls of a container and the mixture is not uniform throughout. For 


example: 
alumina 


C2HsOH(1) ———> C2H4(g) -+ H20(1) 
tungsten 


2NH3(g) ——> N»(g) + 3H2(g) 


1.3 RATE OF REACTION K 


It is essential at this stage to know about the meaning of rate of a reaction 
as this is intimately, related to the mechanism. The rate of reaction is 
defined as the number of molecules of a given species reacting per unit 
time. It is a positive quantity that tells us how the concentration of the 
reactant or product changes with time. Let us consider a chemical reaction. 
200* 
CO + NO; — CO» + NO 

The rate of this reaction may be expressed in terms of change in concentra- 
tion of reactants or products. If we plot a graph between the concentration 
of one of the reactants against time as shown in Fig. 1.1, we see that the 
concentration of the reactant decreases as the reaction proceeds. It is. also 
observed that the concentration for two equal time intervals is not constant, 
i.e. rate of change of its concentration also decreases with time. Hence, the 
rate of change of its concentration is given by: 


d[CO] _ d[NO;] 


dt dr 
Time 


_ _ d[reactant] 
dt 
Fig. 1.1 Variation of reaction rate with time. 


[Reactant] 
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The minus sign in the above time derivative of concentration is required to 
make the rate a positive quantity. It indicates the decrease in concentration 
and is always-associatéd with the reactant.- 

The rate can also be expressed in terms of change in concentration of 
products, i.e. 


atcod dno) 


= So LU E 


enm 
dt 


The plus sign is always associated with product because its concentration 
increases. From the above argument it is clear that we should know the 
change in the amount of only one substance, reactant or product, taking 
part in a chemical reaction per unit time to express the rate of reaction as 
the changes in the concentration of other reactants or products can be found 
from the stoichiometry of reaction. The following illustration will make the 
subject more clear. 

A reaction 


=+ 


2HI(g) —> Hx(g) + Ix(g) 
shows that the rate of consumption of HI is double the rate of formation of 
Нг ог 12. According to the international convention, the rate of reaction is 
expressed by dividing the rate of consumption or production of a chemical 
species in a reaction, by the appropriate coefficient in the stoichiometric 
equation of the reaction. Thus 
Change in concentration of any substance 
(reactant or product) 
Appropriate stoichiometric coefficient 
Time derivative of concentration of any substance 
Appropriate stoichiometric coefficient 
_ S d[HI] d[Ho] _ 4р] 
=o di d^ dt 
The unit of concentration will depend on the nature of substances partici- 
pating in a chemical reaction. Reaction rate has the units of concentration 
divided by time. 


Rate of reaction — 


1.4 FACTORS AFFECTING REACTION RATES 


Rate of the reaction is influenced by a number of factors. They are: 


1. Nature of the reactants 

2. Concentration of reactants 

3. Surface area of the reactants 

4. Temperature 

5. Nature of catalyst, if present. 

1. Nature of reactants Reactions between polar ionic molecules such as 
double displacement and neutralisation reaction are rapid. For example 


gr c NS PTS 
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Agt + CI- —~> AgCi(s) 
is rapid. Electron transfer reactions take € time thani ionic Hreactions. 
The following reaction is rapid. 
Ее?+ + Се — Ce! + Без+ 
Complex reactions are slow in nature. For example, 
Mg?* + C2047 —> MgC20,(s) 
On the other hand, the reactions in which bonds are arranged tend to'be 


slow at room temperature. Oxidation-reduction reactions are slower than 
ionic reactions. The following reaction is fast. 


5Fe?* + МпО» + 8H* —* 5Еез+ +. Мп2+ + 4H20 
5C203- + 2MnO; + 16H* —> 10CO; + 2Mn?* + 8H20 slow 
2NO + О —* 2NO2 moderate 


2CO + О: —> 2CO2 very slow 


2. Concentration of reactants We are familiar that raising the concent- 
ration of a reactant increases the reaction rate. For a reaction 


A —> Product 


rate gets doubled with doubling the concentration of A. The increase in the 
concentration of the reactant increases the number of particles in a given 
volume, thereby increasing the effective collision rate of the molecule. The 
higher frequency of collisions results in a higher rate of reaction. 

3. Surface area of the reactants Ina heterogeneous reaction the rate of 
reaction depends on the area of contact between the phases. The rate of 
reaction is proportional to the surface area. If the particle size of the react- 
ant is decreased, the surface area increases. Hence, the rate of reaction 
increases as the particle size is decreased. 

4. Temperature Itis observed that the reaction rate increases with rise 
in temperature. For all those reactions which are exothermic, rate of 
reaction decreases. Rate of endothermic reactions increases with increase 


in temperature. 

5. Nature of catalyst The presence of a catalyst considerably affects 
the rate of a reaction by providing an alternative path for the chemical 
reaction. 


1.5 RATE CONSTANT 


The rate constant of a chemical reaction is a measure of the rate of reaction 
when all the reactants are at unit concentration. Thus, 
Rate of reaction = kx (function of concentration of reactant) 
If we assume that the concentrations are equal to unity, then, 
Rate of reaction = К 


where k is rate constant. This is also known as specific reaction rate or rate 
coefficient. It is independent of the other quantities in the equation. How- 
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ever, k depends on the nature of the reaction and temperature. Rate 
constant increases with temperature. The unit of rate depends on the unit 
of concentration of the substance used. If moles per litre is used, the rate 
constant will have the units: 


moles perlitre — (moles per litre)!" 


(s)(moles per litre)" moles!-7 litres"! s7! 


where л is the total order of reaction. For a first order reaction, the unit of 
kis 8-1. For a second order reaction K's unit would be litre mol"! 871. 
The rate constant is a characteristic of a chemical reaction. 

One should be careful not to confuse "rate" and “rate constant". The 
rate constant k for a reaction is simply a numerical measure of how fast a 
reaction can occur if the reactants are brought together at unit 
concentration. 


1.6 RATE LAW 


At constant temperature, the rate of a reaction is a function of the concent- 
ration of reactants or products. The functional relation between rate of 
reaction and the concentration of reactants is called the rate law or therate 
expression. The rate law is determined by an experiment. In general, it is 
difficult to predict the rate expression of a reaction by just knowing the 
overall reaction or from any principle or hypothesis. The following reactions 
have similar stoichiometric equations but different rate equations because 
of different mechanisms. 


jk Н + b= 2HI 
d[HU ур, 
dr = MH] 
2; H2 + Br? = 2HBr 
d[HBr] _ —K[Hol[Brz]? 
de 1-4 K [HBr]/[Brz] 


The mathematical expression describing the functional relation between the 
rate of reaction and concentration of reactants is referred to as the differ- 
ential form of the rate law. The practical importance of rate laws lies in the 
fact that they provide concise expressions for the course of the reaction. 
The expression helps us to calculate reaction times, yields and optimum 
conditions. It also gives us an insight into the mechanism by which the 
reaction proceeds. 


1.7 ORDER OF REACTION 


The rate, which is expressed as the decrease in concentration of reacting 
substance per unit time, depends on the product of concentration terms. 


| 


UU a” ЧЕ 
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For example, for a general reaction 


аА БВ + cC...... —>pP + gO +... 

— Sh = 60 САЛУЫ 
Then the order of reaction, which is entirely an experimental quantity, is 
defined as the sum of the powers to which the concentration terms are 
raised in the differential form of the rate-law equation. The reaction will 
be of ath order with respect to A, the bth order with respect to B and so 
on. The tota¥ order of the reaction would ben =a d4- b -- c... 

The decomposition of hydrogen peroxide 
H202 —> H20 + 1/2 O2 
is found to follow the rate law 
d[H20O: 
— 91205) kno 
t 

This is a first order reaction since the concentration term is raised to the 
power of unity. 
The reaction 

2CH3CHO —> 2CH4 + 2CO 
follows the rate equation 

. S[CHsCHO] _ 

dt 

This is a second order reaction. 
The reaction 


k[CH3CHOP? 


2NO + О —2NO32 
follows the equation 
d[NO] 
LET; 
It is said to be of the second order with respect to NO and first order 
with respect to O2. The overall reaction is thus of the third order. 
Although the reactions of higher order are theoretically possible, it is 
very seldom that reactions of order greater than three exist. However, there 
are reactions in which the order of reaction may be zero or fractional. For 
instance the rate of decomposition of acetaldehyde 
450°C 
CHsCHO — CH; + CO 
is given by the rate expression 
d[CH3CHO] 
a dt 


The overall reaction is of the order of 3/2. The reaction which is indepen- 
dent of concentration of reactions is called zero order reaction. 

As pointed out earlier, the order of reaction is entirely an experimental 
quantity. The proposed mechanism of a chemical reaction must fit in an 
experimental rate expression. It may be noted that the order of reaction 
need not always be identical with the coefficients of reactants. 


= k[NOT'[O?] 


= k[CHsCHOP^? 
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Many chemical reactions proceed through a number of steps or stages. 
Each of the individual steps is called an elementary step. The rate of reaction 
is determined by the slowest step. The slowest step is known as the ‘rate- 
determining step’. The number of molecules, atoms or ions participating in 
the rate determining step is defined as molecularity. This can also be 
termed as the number of molecules participating in an elementary step to 
cause a chemical reaction. In terms of activated complex, number of mole- 
cules or ions capable of forming a transition state is defined as molecularity. 

If one molecule is transformed in an elementary process, the reaction is 
called unimolecular. The decomposition of O3 or cyclobutane is unimole- 
cular in nature 

03 —+ 0: + O 
450°C 
СН:—СН› —— 2 C2H4 


| 
СН2—СН2 
In a bimolecular process, the two reacting molecules participate to cause 


a chemical change. The following reactions are examples of a bimolecular 
process: 
2HI —— Н + b 

NO + Оз —— NO» + Оз 

NO» + Е —— МОЕ + Е 
Molecularity of а reaction must be a whole number and never be zero or a 
fraction, but the order of a reaction may be zero or a fraction. While the 
order of reaction is entirely an experimental quantity, the molecularity of 
a reaction is a theoretical quantity to satisfy the experimental findings. 
. There is also no correlation between order and molecularity. All biomole- 
cular reactions are of second order but all second order reactions are not 
bimolecular. 


1.9 WORKED EXAMPLES 


Example 1.1 The following table shows how the concentration of 2, 4, 6- 
tribenzoic acid varied with time in a particular experiment. 


Time/min Concentration of 2, 4, 6-trinitrobenzoic 
acid/mol 17% 


0 2.77% 10-4 
18 2.32 x 10 
31 2.05 x 10-4 
55 1.59x107* 
79 1.26x107* 
157 0.58 x 10-4 


© 0.00 
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(a) Plot a graph of concentration of 2, 4, 6-trinitrobenzoic acid against 


time. 
(b) Draw tangents to the curves at 10, 50, 100 and 150 minutes and cal- 


culate their slopes. 
| (с) Plot a graph of rate of reaction against concentration of 2, 4, 6-trini- 


| trobenzoic acid. 

(i) Find if the line passes through the origin. Explain. 

(ii) With the help of the graph, state the relationship between the 
rate of the reaction and concentration of the reactant both in 
words and mathematically. 

Solution 


(a) By taking the concentration of the reactant along the vertical axis and 
time along the horizontal axis of the graph, the following figure is 
obtained. 


2.8 
2.0 
12 


0.4 


[0] 40 80 120 160 200 


Time/min 


Fig. 1.2 Graph of 2, 4, 6-trinitrobenzoic 
acid [CsH2(NO2)sCOOH] v. time 


(b) 
Time/min Concentration[mol I-* Slope|mol 17% mint Rate[mol 17% min 
| 10 2.50 10-* - LT 2.44x10-° 
| 50 1.66х10-* - 249х107 1.64 107* 
j 100 1.04% 10-4 = 200107 1.02x 10* 
105 0.63 x 10-* 28008 0.635 x10-¢ 


(c) By taking the rate on the vertical axis and [Reactant] on the horizontal 
axis of the graph, the following figure is obtained. 
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= 
o 


Rate/10°° mol l?min'' 
o 
о Ф 


0.2 0.8 1.4 20 2.4 
1[CsH2(NO2)sCOOHJ/10™* mol I”! 

Fig. 1.3 Graph of rate of reaction against 

[Reactant] 


(i) Yes, the line passes through the origin. At the origin, the rate of 
reaction is zero as the concentration of reactant is also zero. 

(ii) The graph shows that the rate of reaction is proportional to the 
concentration of 2, 4, 6-trinitrobenzoic acid. 


Rate cc [CeH2(NO2); COOH] 
or Rate = k[CeéH2(NO2)3 СООН] 
Example 1.2 With the help of the rate equation found in Ex. 1.1, answer, 
the following: 
(a) What is the order of reaction with respect to 2, 4, 6-trinitrobenzoic 
acid ? 
(b) What is the overall order of reaction ? 
Solution 
(a) The reaction is first order with respect to 2, 4, 6-trinitrobenzoic acid. 
(b) The overall order of reaction is one as there is only one concentra- 
tion term in the rate equation. 
Example 1.3 Using both the graph and rate equation from Ex. 121, 


calculate the value of rate constant for the decarboxylation of 2, 4, 6-trini- 
trobenzoic acid at 90°C. What is the unit of rate constant for this reaction? 


Solution Rate of reaction = K[2, 4, 6-trinitrobenzoic acid]. A plot of the 
graph of rate vs concentration of 2, 4, 6-trinitrobenzoic acid is a straight 
line with a slope equal to 


А (rate) 
4 (concentration) 


2.44 X 10-6 mol“! min^! 
2.50X 10-4 mol 17! 
= 9.76х 107? min“! 
The unit of rate constant is min". 
Example 1.4 Write the differential rate equations of the following 
reactions: 
(a) A + 2B —— Products 


Slope — 
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(b) 2A + B ——> Products 
(c) A + 2B + 2C — Products 


Solution The differential form of the rate equation of the above reactions 
can be written as 


œ- — T 90 — мАЛВР 
œ) 2 A = — 8) — arte 
© — Mal — — 1.381. — 5.403 = arce 


Example 1.5 The reaction between mercury (II) chloride and oxalate ions 
takes place as follows: 


2HgCh(aq) + C204 (aq) ——- 2CI-(aq) + 2COx(g) + Hg:Ch(S) 
The rate equation is: 
rate = k{HgCla(aq)I[C204 (aq)? 
Answer the following questions: 


(a) What is the order of reaction with respect to each reactant? 
(b) What is the overall order of reaction? 


Solution 


(a) First order with respect to HgCle and second order with respect to 
CO. 

(b) The reaction is third order overall. 
Example 1.6 Find the molecularity of the following reactions: 

(a) 03 — O2 + O 

(b) Cl + CH4 —— СНз + НСІ 

(с) О + O2 + № —— Оз + № 
Solution Reaction (a) is unimolecular because only one reactant molecule 
participates. Similarly, reactions (b) and (c) are bimolecular and termole- 
cular, respectively, because two and three reacting molecular species are 
involved in the process. 


PROBLEMS 


1. Decomposition of N;O; occurs in the following manner: 
23.0; —— 4NO, + 0, 
Write various formulae expressing the rate of the reaction. How are the rate 
constants in the various rate equations framed related to one another? 
| (Ans. k' = 2k and k” = 3k) 
2. For the chemical reaction A —-» B, the concentration of B is increased by 0.20 
mol 1-1 in 1 hr. What is the rate of the chemical reaction? 
[Ans. 0.20 mol 17! hri] 
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. For the chemical reaction А ——> B, the initial concentration of A is 2.70 mol 1-1. 


The concentration of A after 2 hrs is 1.3 mol 1-1. What is the average rate of the 


reaction? [Ans. 0.70 mol 1-1 hr-!] 
. Below are the data for the two reactions: ` 
А —> В 
C—D 
Time/hr Concentration of Concentration of 
A/mol [~ B/mol I+ 
0 0.100 0.00 
2 0.050 0.050 
Time[hr Concentration of Concentration of 
C/mol 1 D/mol 17 
0 0.10 0.00 
2 0.075 0.025 


(a) Which reaction proceeds at the greatest rate? 
(b) What are the rates of formation of B and D. 
[Ans. (а) A— B 
(b) 0.025 mol 1-? hr-! and 0.012 mol 17! hr7?, respectively] 


. Consider the decomposition of N,Os at 67°C. The rate at this temperature is 


0.056 mol 17! min~ when the concentration of N:O; is 0.160 mol 1-1. Determine 
the rate constant k. Also calculate the rate when concentration of NOs is 
0.100 mol 17*. [Ans. k = 0.35 min?! rate = 0.035 mol 17% min-!] 


. The decomposition of acetaldehyde 


CH;CHO —- CH,(g) + CO(g) 


is a second order reaction. The rate at a certain temperature is 0.18 mol 17! s 
when concentration of CH,CHO is 0.10 mol 1-1. 


(a) What is the rate expression for this reaction? 
(b) What is the value of the rate constant? 


(c) Calculate the rate of reaction when concentration of CH,CHO is 0.20 mol 171. 
[Ans. (a) rate = k[CH3CHO]* 


(b) k = 18 17% mol! s* 
(c) rate = 0.72 mol 17* s7] 


-1 


. Below аге some data for the decomposition of N;O; at 67°С. 


23,08) —> 4NO,(g) + ОЕ) 
ub dti аас а ыз Е ЫЕ 
Concentration N,Os[mol-t 0.160 0.113 0.080 0.056 0.040 
Rate/(mol 1-? mini) 0.050 0.039 0.028 0.020 0.014 


Plot a graph of the rate against concentration of N,O;. Answer the following: 


(a) What is the rate expression for the reaction? 


(b) Calculate the value of rate constant? 
[Ans. Rate = k[N4Os] 
= 0.35/тіп] 


If for the reaction A—->B, it is found that the rate of the reaction is propor- 
tional to A raised to the second power and k is the proportionality constant. 
Write a mathematical expression to illustrate this. [Ans. Rate = К[А]?] 
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Consider the following reaction: 
СН. (в) + 1„(в) — C:HiL(g) 
The rate equation is 
rate = k[C,H,(g)][I.(e) >” 
(a) What is the order of the reaction with respect to each reactant? 
(b) What is the overall order of reaction? 
[Ans. (a) First order with respect to C,H,(g) and 3/2 order 
with respect to Ia(g) 
(b) Overall order is 5/2] 


. Write the differential rate equations of the following reactions 


11. 


12 


(a) ЗА + 2B ——> products. 

(b) A + 3B ——> products. 

(c) A + B + 2С —> products. 

Find the molecularity of the following reactions: 

(a) CH. 
ZX 


wa \ —-— CH;CH=CH, 
CH,—CH, 
(b) Ar + О, —> Ar + О; 
(c) Cl + CI + M—— Ch + M 
Phosphine decomposes when heated, as follows: 
4PHs(g) —> Pa(g) + 6Hs(g) 


At a given instant, the rate at which phosphine decomposes is 2.4Х 107? mol 

13677, 

(a) Express the rate іп three different ways, using differential notation, and show 
the relationship, between them. 

(b) What is the rate of formation of 


(i) Ha, (ii) Pa? 
d[PHs(g)] d[P.(g)] 2 d{H.(g)] 
[ Ans (Qy qp oom 4а gr 
(b) (i) 3.6X 10? molt 5-1 
(ii) 6.0 107* mol 1-! a] 


TWO 


Basic Kinetic Laws 


The rate expressions for the different orders have been derived and their 
characteristics are discussed in this chapter. 


21 ZERO ORDER KINETICS 


A reaction of zero order is represented as 
А > В 
where А and В are the reactant and product respectively. Since the rate of 


such reaction will be independent of the concentration of the reactant, the 
rate of change of concentration is a constant, i.e. 


Rate = Constant 


—— = ko A? = ko 


where ko = zero order rate constant. 
If x is the concentration of product formed, then 


Upon integration, we get 

x = kot + Z (constant) 
Since at the start of a reaction, when / = 0, no product is formed, ie. 
x — 0, the constant Z is zero. 
Hence x = kot (2.1) 
This is the rate expression for zero order reactions. It tells us that the rate 
of zero order reactions are independent ofthe amount or concentration of 
the reactant present. 


Characteristics 


1. Equation (2.1) is the integrated rate expression for the zero order. The 
dimension of specific rate constant is concentration/time, i.e. 


mol 17! s~! 
2. The product concentration is directly proportional to the time. A graph 
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of concentration of product (x) against time (t) for such a reaction would 
give a straight line passing through the origin and gradient is the rate 
constant with units mol 173 s^! (Fig. 2.1). 


x/mol 


Time 


Fig. 2.1 Variation of x versus f 


3. The important characteristic of zero order kinetic is the half-life which 
is proportional to the initial concentration of the reactant. Half-life is 
defined as the time required to reduce the concentration to half of its origi- 
nal value. 


Substituting the condition t = ti/3 when x = 5 in Eq. (2.1), we get 


a 
tem kotij2 


or tiza 


where a is the initial concentration of the reactant. Thus the half-life of the 
zero order reaction is proportional to the initial concentration of reactant. 


Examples of Zero Order Reaction 

There are not many cases of zero order reactions and, therefore, the appli- 
cation of the rate equation is not very wide. Some heterogeneous reactions 
of zero order occurring on surfaces are given below: 


hot Pt wire 
2N20 ——— —— 2N2 + O2 


tungsten 


2NH3 — — № + 3H2 


gold 
2HI ——> Н» + In 
Here the reaction occurs only on the surface of the catalyst. When the 
surface becomes saturated, the amount of absorbed gas is constant and 
further increase in pressure cannot change the surface concentration. Thus 
the rate of reaction is independent of the concentration of the reactant in 
gas phase. 
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In reactions between two or more substances, the rate may have a zero 
order dependence upon theconcentration of one of them; such reactions are 
common. For example, 


CH3COCHs + 12 — I-CH2-CO-CH3 + HI 
І 
-Aal = k[CHs: CO- CH3] 
The reaction is, therefore, first order in acetone but zero order in iodine 
even though the overall reaction consumes I», and the rate may be measured 
by monitoring the decrease in [Тә]. 


2.2 FIRST ORDER KINETICS 


In a first order reaction, the rate of reaction is proportional to the concen- 
tration of only one reactant and is independent of others, if present. 
A first order reaction may be represented as: 

А > В (2.2) 
where A апа В аге reactant and product respectively. The rate of the 
reaction is directly proportional to the Concentration of reacting substances, 
i.e. 


a kAGa (2.3) 


where C4 is the concentration of reactant A at any time ¢ and ka is a cons- 
tant called specific reaction rate constant. The rate expression (2.3) can also 
be expressed in terms of the product. If ‘œ moles per litre is the initial 
concentration of A and ‘x’ moles per litre of the product B is formed after 
time f, then the rate expression for the reaction (2.2) will be given by 


días 
-42 = Ка(а — x) 
d d 
or = 1 = ka(a — x) (2.4) 


Since ‘a’ is a constant quantity and the differentiation of a constant quantity 
is zero, the Eq. (2.3) becomes 
dx 


dr = kala — х) (25) 
On rearrangement, the differential equation (2.5) becomes 
dx 
аә) = Ка dt 
On integration 
—In(a — х) = kat + C Q.6) 


Since at the beginning of the reaction, no product is formed the value of x 
Will be zero. Putting x — 0 when t = 0 in Eq. (2.6) we get 


=ша=с 
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where Vo is the titre value of alkali at the start of the reaction. V; is the 
titre value of alkali after time 2, У is the titre value of the alkali when the 
reaction is complete. Thus Vo — Vo = a and V D ES 

The course of inversion of sucrose with time is followed by observing the 
change in optical rotation of cane sugar with the help of a polarimeter. 
Cane sugar is dextrorotatory and rotates the plane of polarisation towards 
the right, whereas an equimolecular mixture of glucose and fructose is laevo- 
rotatory and produces rotation towards the left. Let ro, т and reo be the 
readings of angle of rotation at the start of the reaction, after an interval of 
time г and after the completion of reaction, respectively. Then the difference 
(ro — rw) and (ro— ri) corresponds to initial concentration ‘a’ and ‘x’, 
respectively. Hence, Eq. (2.7) becomes 


2308 ro — lo 


КА = logio TECIE) 
on ro — lo 
= e TRA 2 
or A s logio mmm) (2.13) 


Table 2.3 Inversion of sucrose 


Time/min "n T, — lo kAX 109/min-! 
0.0 + 24.1 + 34.8 = 
7.2 + 21.4 + 32.1 1.3 
46.0 + 10.0 + 20.7 13 
68.0 + 5.5 + 16.2 1.3 
© — 10.7 = - 


2.3 SECOND ORDER KINETICS 


When the rate of a reaction is directly proportional to the product of the 
concentrations raised to the power unity, of two different reactants, or to 
the square of the concentration of one of the reactants, the reaction is said 
to be of second order. They may be represented as follows: 


A + B — products () 
2A — products (ii) 
consider reaction (i). The rate of the reaction is given by 
. ФАТ 
"dt. =k 2[A][B] 
d[B] 
or р = LAI] 


Let us assume that the initial concentrations of the reactants A and B are a 
and b moles per litre, respectively, and x moles per litre of the reactants 
have disappeared in time ¢, then the rate law for a second order reaction 


will be: ^ 
d(a — x) kha = EDS) 42 a4 


dt 
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dx 
or qa (а — х)(Ь — x) 
dx 
oF (а = х) x — К 
Breaking it into partial fractions, we have, 


1 dx i dx 
(а "il (a—3x) O = dr 


This on integration gives 


Gop ne -3-mn0-3 =k +e (2.14) 


- E ва 1 a OS 
when ¢ = 0, x = 0, so that C = (SES) In b substituting the value of 


C in the Eq. (2.14) and arranging: 


1 М ^ 1 a 
CESA [In (а — x) — In (5 — 3)] = kat + @=® In b 
1 (a — x) 1 а 
(—5 "(5—x - Gab ME ht 
Е] (а= х) _ 
(a — b) аЬ — х) kat 
2.303 bla — x) 
or k2 D CES logio 85) (2.15) 
The rate expression for reaction (ii) сап be expressed as 
dx 
at koa — x)? 
dx 
or (ТЕ = о 
On integration, we get, 
ae 
CEE = kt + C 
when ¢ = 0, х = 0, so that C = i 
Substituting the value of C, the integrated equation becomes: 
E 4 
база kat + » 
1 1 
or (еъ загад а 
ог M ЕО (2.16) 
t-a-(a— x) А j 
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Equations (2.15) and (2.16) are the equations for the second order when 
both the reactants have different or equal initial concentrations respectively. 
Characteristics 

1. It is evident from Eqs (2.15) and (2.16) that the dimensions of a second 
order rate constant of a reaction in solution are (molar concentration 
X time)™!. It is customary to express a second order rate constant in units 
1 mol"! 5871, 

2. The Eq. (2.15) can be written in the form 


2303 | [£3] ers 2.303 | 5, 2 
(a — b) BNE x P (a — b) Bio 


A plot of the left-hand side of the above equation against ¢ should give a 
straight line with slope equal to k2 When Eq. (2.16) is used, the plot of 


T Е 5) versus ¢ will be a straight line of slope equal (о k2 and intercept 


equal to I/a, 
3. The half-life, i.e. when the amount of transformed substance becomes 


equal to half of the original amount, can be found by employing the 


condition x = = at the half-life point (t = 11/2) in Eq. (2.16). 
Fp als ioo eer yee 
Gey os а(а — а2) Ка 
1 
or fij2.0C = (2.17) 


Thus half-life for a second order reaction is inversely proportional to the 
first power of initial concentration. The half-life method cannot be used 
with reactions where the concentrations of А and -B are different, since A 
and B will have different times for half-reaction. 


Examples of Second Order Reactions 
A number of bimolecular reactions have been studied that obey the second 
order kinetics. Saponification of an ester is a second order reaction. 


CH3COOC3Hs -+ OH- -> CH3COO- + CHsOH 


The reaction can be carried out by mixing an alkali and ester in equal 
concentrations at constant temperature which corresponds to the amount 
of unchanged ester or alkali at that instant. If the concentrations of the 
alkali and ester are equal, the value of k2 will be given by Eq. (2.16). 

Table 2.4 contains experimental data of hydrolysis of an ester. The pro- 
gress of the reaction is followed by withdrawing aliquots of the mixture at 
regular intervals and titrating them against standard acid. Here a and 5 are 


initial concentrations. 
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Table 2.4 *Kinetics of hydrolysis of methyl acetate by an alkali 
(а — b — 0.01 N) 


t min (b — х) = (а – х) x К.х 10? [litre mol! min 
0 0.010000 0 — 
3 0.00740 0.00260 19.50 
5 0.00634 0.00366 19.17 
8 0.00519 0.00481 19.33 
12 0.00416 0.00584 19.50 
15 0.00363 0.00637 19.50 


*Walker, Proc. Roy. Soc., A, 157 (1906). 
Table 2.5 gives the data of saponification of isopropyl acetate with an 
alkali when a z b. The reaction is: 


CH3COOCH(CH;) + NaOH = CH3COONa + (CH3)2CHOH 


Table 2.5 Saponification of isopropyl acetate with an alkali at 25°C 
(a = 0.02270 M, b = 0.03140 M) 


t[min (a — x) (b — x) К, litre mol iin! 
0 0.01874 0.02744 — 
4 0.01432 0.02302 1.57 
8 0.01092 0.01962 1.60 
20 0.00424 0.01294 1.68 
31 0.00245 0.01115 1.48 


A constant value for the rate constant confirms that the reaction follows 
a second order kinetics. 


Other examples of second order reactions are as follows: 


1. Reaction between ethylene bromide and potassium iodide in 99% 
methanol. 


C2H4Br2 + 3KI > C2H4 + 2KBr + КІЗ 


2. Reaction between potassium persulphate and potassium iodide in 
aqueous medium. 


K2S20g + 2KI — 2K250; + 12 
3. Reaction of 2,4-dinitrochlorobenzene with aniline in benzene. Denot- 
ing the first compound as RCI, the reaction occurs as follows: 
RCI +- CcHsNH» > CcHsNHR + НСІ 
HCI -- СЕВУМ» > СЕНУІ 


2.4 THIRD ORDER KINETICS 


"Third and higher order reactions are quite rare. This is due to the fact that 


the probability of a collision between three molecules having sufficient 
energy is very slight in comparison to bimolecular collisions. 


A simple third order reaction can be expressed as follows: 
A + B + C > Products 
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Substituting the value of constant of integration C in Eq. (2.6) we get, 


—In (a — x) = kat — Ina 


or kat = Ina — In (a — x) 
1 a 
or k= E In esce 
2.303 a 
or КА = Т logio = TP (2.7) 


Equation (2.7) is the integrated form of the first order equation. The rate 
constant ka can be calculated by observing the relative concentration at 


different intervals of time. 


Characteristics 


Some important characteristics of first order reactions are as follows: 
1. It follows from the expression (2.7) that ka depends only on the ratio 


А а ; H А 5 
of concentrations ст)» and has the dimension of reciprocal of time, 


T-!, Hence the rate constant for the first order reaction will be expressed in 
5-1 and is independent of the units of concentration. 
2. Expression (2.7) could be reduced to 


logio (a — x) = BR + logoa 


If a graph is plotted between logio (a — x) and time f, it would give a 

straight line showing that the reaction is of first order. The value of first 

order rate constant can be calculated from the slope of the line which is 
ka 


7 2303. 
3. An important characteristic of the first order kinetics is that the half- 


life, i.e. the time required to reduce the concentration of the reactant to half 
of its original value, is independent of the initial concentration of the reac- 


tant. Substituting the condition that when t = fi/2, X = 


then, 


21303 Red 2.303 
g JUR ogio 


ALS 
2 


t2 = А 


= г logo 2 
ka 
0.693 
ka 


Equation (2.8) gives a direct relation between half-life and rate constant, 
It must be noted here that for a first order reaction the time taken to com- 


i j 
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plete a definite fraction of the reaction 6, is independent of the concentra- 
tion of the reaction. For fe, Eq. (2.7) could be written as: 


a 
оро ——, = ta 
КЕ 1 gio ср = constant 


t= 


Examples of First Order Reactions 


There are a number of reactions which are found to follow the first order 
kinetics. Decomposition of nitrogen pentoxide in the gas phase as well as in 
an organic solvent like CCls, conversion of N-chloroacetanilide into p- 
chloroacetanilide, hydrolysis of methyl acetate and inversion of cane sugar. 
The radioactive disintegration of unstable nuclei are the best known examples 
of first order reactions. 

1. Gas phase decomposition of nitrogen pentoxide. Daniels and his co- 
workers investigated the first order decomposition of N2Os in gas phase. 
The kinetics of the reaction is followed by measuring the total pressure of 
different time intervals. Knowing the initial pressure ‘a’ and the equilibrium 
constant of reaction N204 = 2NO», the value of (a — x) corresponding to 
undecomposed N2Os can be computed. Using the expression (2.7), the rate 
constant ka could be determined. The values of rate constant are fairly 
constant as shown in Table 2.1 confirming the first order nature of the 
reaction. 


Table 2.1 tGas Phase decomposition of N40; at 45°C 


Тітејѕ Р тт А1045 
0 348.4 2 
1800 140.0 4.62 
3000 78.0 4.93 
3600 58.0 4.84 
4200 44.0 4.78 
6000 18.0 4.51 
9600 3.0 4.67 


tr. Daniels, Chemical Kinetics, 1938, p.9 


A plot of In gc; is found to be linear. 


2. Decomposition of N20s in СС The decomposition of №05 was 
studied by Daniels and Eyring in carbon tetrachloride at 30"C. Nitrogen 
pentoxide in CCI4 decomposes as follows: 


N2Os > N20, + jo 
№0; = 2NO; 


Since oxides of nitrogen are soluble in ССІ; the course of the reaction is 
followed by measuring the volume of oxygen evolved from time to time. If 


Basic Kinetic Laws 19 


V, is the liberated volume of oxygen at any time ѓ and hence a measure of 
N2Os decomposed (x). If Vo is the total volume of oxygen evolved at the 
completion of the reaction then Væ is proportional to the initial concentra- 
tion, ‘a’, of N20s and Ив -— V; is proportional to (a — x), the amount of 
undecomposed N2Os. Thus first order Eq. (2.7) is modified to: 


ka PI 2303 logio vin (2.9) 
because a oc V, x © V; and (a — х) = V» — Vi. From experimental data 
recorded in Table 2.2, the value of rate constant is calculated with the help 
of the modified expression (2.9). As the values of ka are constant, the 


reaction is of first order kinetics. 


Table 2.2 Decomposition of nitrogen pentoxide іп ССІ, (48°C) 


Time|min ЭД (Vo — Vj) logio(Voo — L2Y) k g/min 
10 6.30 28.45 1.4540 0.0200 
15 8.95 25.80 1.4116 0.01980 
20 11.40 23.35 1.3683 0.01988 
25 13.50 21.25 1.3274 0.01967 
© 34.75 0 — 


If log (V. — V) is plotted against f, a straight line is obtained (Fig. 2.2). 
The slope of the line gives the value of first order rate constant ka which is 
well in agreement with the values calculated from the experimental data. 


S 
8 
> 
= 
a 
2 
—————— À —— 
Time/min 
Fig. 2.2 Decomposition of nitrogen pentoxide 


in CCls 


3. Conversion of n-chloroacetanilide into p-chloroacetanilide In 1902, 
Blanksma studied the conversion of n-chloroacetanilide. The progress of the 


= CI NH—CO--CH3 
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reaction was followed by withdrawing a definite amount say 5 ml or 10 ml 
of the reaction mixture at different intervals of time and adding it to a flask 
containing excess of potassium iodide. The liberated iodine was titrated with 
standard solution of sodium thiosulphate. The titre value obtained measures 
the concentration of the remaining n-chloroacetanilide at various intervals 
of time. The p-chloroacetanilide does not liberate iodine from KI. The data 
obtained is fitted into the first order equation. If the value of rate constant 
is fairly constant the reaction is said to be of first order. 

4, Pseudo first order reactions There are a number of reactions which 
obey the first order kinetics though more than one species is involved in the 
rate-determining step. Such reactions are called pseudo first order reactions 
and they involve a solvent molecule or a catalyst as one of the reacting 
species. 


(a) Hydrolysis of methyl acetate 


Ht 
CH3COO СНз + H20 > СНзСООН + CHOH 


(b) Inversion of sucrose 


H* 
CioH22011 + H20 > CcHi20« + СНО 


The above reaction in the presence of an acid is apparently of the first order 
although it should be of second order since two molecules are reacting. But 
since water is present in large excess, its concentration virtually remains 
constant during the course of the reaction. Thus the rate of reaction practi- 
cally depends on the concentration of methyl acetate or sucrose. Thiscan be 
shown as follows: 


_ d[CHsCOO CH3] 


dr = Ki[CHsCOOCH3][ H20] (2.10) 


dx 

or aq; kila — x)(b — x) 
Since [H20] is constant, Eq. (2.10) becomes 

dx s 

"rm kila — x): b 
upon integration this leads to 

ke 2208 уд 7. (2.11) 
t a—x 

Equation (2.11) explains why these types of reactions follow a first order 


kinetics. 


The progress of hydrolysis of methyl acetate is followed by removing a 
definite volume of the reaction mixture, cooling it rapidly and titrating 


against a standard alkali. The experimental data is substituted in the first 
order equation: 


(2.12) 
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been very useful. When a suitable function of concentration is plotted 
against time, a linear plot is obtained. The order of reaction will depend on 
the nature of the functions of concentration. The slope of the graph enables 
us to calculate the value of k. 

An integrated general equation may be expressed as: 


ас 7 
dC 
na = ki (2.27) 


where л is the order of reaction. 
1. For a first order reaction, Eq. (2.27) can be rewritten as 
In C = kt + I (constant) 


A plot of In C against t gives a straight line characteristic of first order 
reaction. 
2. For a second order reaction, Eq. (2.26) will be 


І 
cul 


A plot of 1/C v. t gives a straight line showing the second order behaviour 
of reaction. 
3. For a third order reaction, Eq. (2.27) is transformed to 


1 = 
a= 
= v. t gives a linear plot indicating the third order reaction. 


Powell’s Graphical Method 


Powell proposed a graphical method for the determination of order of 
reaction using dimensionless parameters. Dimensionless variables « and 7 are 
defined as 


and Kapa por 


where ® and т are the relative Concentration and time parameter, respectively. 
From Eq. (2.23) for nth order of Teaction, we have, 


Es 1 1 1 
Kn p= aL Es 


nt 


ae 1 1 1 
P k @ = peda ap | 


because a = «ao 
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ъл 1 al. am 
Qr idem (л — 1)а + È i| 
(n — Dks:a0 = (ant — 1) 
(n — 1)т =(@""! — 1) (2.28) 


Eq. (2.28) is valid for all values of л except n = 1. For a first order reaction 
the Eq. (2.28) is 


т = ]n« (2.29) 


Equations (2.28) and (2.29) do not contain ao or k. Thus for a given order of 
reaction, ® and 7 are related in a unique way (Fig. 2.3). Fig. 2.3 gives the 
plot of « у. log т for different values of л. With the help of these plots, the 
order and rate constant can be determined. In order to determine these 
values, the experimental results of ~ are plotted against log /(т is not an 
experimental value because k and п are known). If the experimental curve 
matches one of the theoretical curves in shape, the reaction will be of that 
order but will be shifted along log t axis by an amount —log kao. Know- 
ing л the value of k can be determined. 


| 
1.0 


0.8 
0.6 
0.4 


0.2 


Seana an age 
0.3 1 3 10 


Fig. 2.3 В.Е. Powell's plot for zero, first, second 
and third order reaction (A.A. Frost and 
R.G. Pearson, Kinetics and Mechanism, 
Wiley, New Delhi, 1970, p. 15) 


Half-life Method 
From Eq. (2.24), half-life for nth order of reaction is 


1/2 oc qu 


Let a! and a? be the initial concentrations respectively in two different 
measurements of the same reaction, then 


1 
(t')ua oc (а=. 
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2 1 
апа (t?)172 ос wri 
(um _ er" 
pE (t?)1/2 а! 
(us _„ а? 
ог logio (Bug (n — 1) (2) 
1 12 
Thus, n == 1 + logio iri (2.30) 


nm and fia are found by plotting the experimental results against time. 
Thus the order of reaction п can be calculated. Eq. (2.24) can also be 


written as 
k 
qi 
logio (11/2) = logio k + (1 — n) logio a 


11/2 = 


If a plot of logio (t1/2) v. logio a gives a straight line with a slope of 1, 0, — 1 
or —2, the reaction is said to be zero, first, second or third order, 
respectively. 


The Differential Method 


In this method the order of reaction is found by carrying out the experiment 
twice using different initial concentrations of one of the reactants, keeping 
the concentration of other reactants present in the reaction mixture constant. 

Let Cı and C2 be the two different initial concentration in an nth order 
reaction, then, 


dCi . 5 
XT kCi (2.31) 
dCi 
d U8CI- T. n ә 
ап d; kC2 (2.32) 


Division of Eq. (2.31) by (2.32) yields 
(e) 
dt} _ (S 
[i e 
dt 
Taking Jogarithms and solving with respect to л, we get, 


dC. : 
СТЕ ЕНЕ 


logio C1 — logio C2 


n (2.33) 
Equation (2.33) enables us to determine the order of reaction with respect 
to the reactant whose concentration is varied. The reaction order of all 
other substances present in the mixture can be found in this way. The sum 
of these orders gives the overall order. 
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If all the reactants are at the same concentration, the third order rate law 
becomes: 


“ = k3(a — х)? 
or с^» = ks dt 
On integration, we get: 
Xa = xu eh Q.18) 
When t = 0,x = 0 and C э-э 


Substituting the value of C in Eq. (2.18), the integrated third order rate law 
becomes: 
cies кы. 
2(a — x)? 2a? 


оа А 
ee UlG— x @ 


1 [xQa — a] 

or gs ре 2А 

3 z| (a — х)? (2.19) 

If reactants do not participate at the same concentration, i.e. а # b £c, 
then the differential rate equation is: 


Ges kx(a — х)(Ь — х)(с — x) 


= Ки 


Integrating the above equation and adopting the usual condition, x = 0 at 
1 = 0, we get 


ks "ERIS L D In [(¢ - Nee z Ур : zy] 


(2.20) 


Such reactions are hardly known. 
Most of the reactions of third order kinetics which have been studied are 
of the type. 


2A + B — products 


Let a and 5 be the initial concentration of A and B and x be the amount of 
B transformed in time т. The amount of unreacted reactants at t will be 
(a — 2x) and (b — x). 

Hence the differential rate equation is: 


d 
ч = Кз(а — 2xy(b — x) 
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This equation on integration and adopting the condition x = 0 at г = 0 
gives 


M 1 |2 za) 4), 62 22] (2.21) 


1(2b — a)? | ala — 2x) a(b — x) 


Characteristics 


1. The dimension of third order reaction is expressed as time! (molar 
concentration) 2. It is customary to express a third order rate constant in 
units 57! 172 mol2, 

2. The-half-life for such a reaction varies inversely to the square of the 
initial concentration of the reactants. From Eq. (2.19): 


ie 1 | 1 1 | 
2k3 (a — а[2)? а? 
чёп. 
2Кза? 
1 
ог 12 oc E (2.22) 


Hence for such a reaction t12 is inversely proportional to a?. 


Examples of Third Order Reactions 


l. A few examples of the third order gaseous reaction of the type 2A--B 
— products are: 
(a) 2NO + H2 — N20 + H20 
(b) 2NO + Ch = 2NOCI 
(c) 2NO + Вг: > 2NOBr 
2. Some of the well known third order reactions in solution phase are; 
(a) 2FeCls + SnClo > 2FeCh -+ SnCl4 
(b) Fe3+ + 21 + products 
(с) PhCOCHOHPh + 2Fe(CH)s + 20H- — PhCOCOPh 
++ 2Fe(CH)é~ -+ 2H20 
(d) 2H* + 21- + H202 > 2H;0 T 


2.5 HIGHER ORDER KINETICS 
There are no known reactions of fourth or higher order. In general, let us 
consider a reaction of nth order where all the reactants have the same initial 
concentrations. The rate of reaction will be given by 

dx 

dt = ka — x) 


This equation on integration and applying the initial condition x — 0 at 
t = 0, we get 


1 1 1 
i (п — ala = хун zu 299 
Equation (2.23) is valid for all orders except when п = 1. 
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Characteristics 
1. The dimensions of rate constant kn for nth order reaction are time"! 


(molar concentration)!-". ^ 
2. Half-life for a reaction of nth order will be given by: 


T 1 1 1 
1/2 NE п-1 n= 
ka(n — 1) (e o 4 ) gn 
1 [ 1 1 | 
ka(n — 1) | (a2)! qn 


С | 
X Kn — 1)| att 


Eee MS UN 
Кап 1) а"! 


ог t1/2 © (2.24) 


qn-l 


Thus the half-life for nth order reaction varies inversely with the (n — 1)th 
power of the initial concentration of the reactant. 


Examples of Higher Order 


A well known example of fourth order reaction is between bromide and 
bromate ions in acidic solution. The stoichiometric reaction is: 
5Вг- + ВгОз + 6H* —3Br2 + 3H20 
The rate law is given by 
dx 


hr ks[ Br-]LDBrOs [Н+]? 


2.6 FRACTIONAL ORDER KINETICS 

A reaction is said to be of fractional orders if the rate of reaction is pro- 
portional to the fractional powers of concentration of the reactants. In 
general, a reaction of fractional order has a reaction rate: 


dx k(a — x)e*n 


dt 


when n = 0, 1, 2,... 
On integration and putting the initial condition, x = 0 at / = 0, we get: 


2 1 1 
к= от nil ушеу sm] 29 


Characteristics 
1. The dimension of k for the fractional order reaction is time! (molar 
concentration)-1/2, 
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2. The half-life for fractional order reaction is given by: 


2 І es 
и = Kn ТУ (a — a2) a8» 


(2n-1) 


2 Bee, 
k(2n — 1) [Es] 


2n—1 
ART EN 
k(2n — 1) а@"-0/2 


1 

a 2.2 
ог 12 oc qe (2.26) 
Thus the half-life for fractional order is proportional to the (a@"~)/?)th 
power of the initial concentration. 


Examples of Fractional Order Reaction 


1. The order of reaction of ortho-parahydrogen conversion is fractional 

and the rate is expressed as 
— 905 L po 

2. CH3CHO — СН; + CO 
The order of reaction is three halves (3/2). 

3. CO + Ch — СОС 

The total order of reaction is 5/2. The order with respect to Cl and CO 
are three halves and one respectively. 


2.7 METHODS OF DETERMINING THE ORDER OF A 
REACTION 


Since most chemical reactions occur in stages the sum of the stoichiometric 
coefficients of the substances in a reaction will not give us the order of reac- 
tion. Therefore, it is essential to establish the order of reaction with respect 
to each substance participating in a chemical reaction. The total order of 
reaction will be the sum of these orders. Several methods are available by 
which the order of a reaction can be determined. 


Direct or Integration Method 


In this method, the experimental data is collected by the analysis of the 
reaction mixture at various time intervals. These data are then fitted into 
the integrated rate equations of different orders. The order of the reaction 
is decided by the equation that gives the constant value of specific reaction 
rate constant. The trial method is quite satisfactory for simple homogeneous 
reactions but not for complex reactions. 


Graphical Method 
The determination of the order of reaction from the graphical method has 
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It can be seen from Eq. (2.33) that it is necessary to find the initial rate 
к dc Р 
оѓ reaction ( -%), This can be determined from the slope of the concen- 


tration v. time plot. The order of reaction (п) is determined using values 


with the help of the Eq. (2.33). 

Alternately the initial reaction rate is obtained from the slope of the 
concentration-time curves. Then logarithm of the initial rate (—dC/dt) is 
plotted against logio C. The slope of the linear curve is equal to the value 


of n, the order of reaction (Fig. 2.4). 


log:o Cs) 


logio C 


2 еү; 
Fig. 2.4 Logio БЕЗ, v. logio С 


Variation in Rate of Reaction Method 


When different reactants participate in a chemical reaction, the reaction 
order may be studied by varying the concentration of one of the reacting 


molecules. 
Consider the following rate equation 


( -4€) = KA BY" (2.34) 


For a given concentration of A and B, the initial rate ( ~¥) is determin- 
! th 

ed at any instant as usual. Now the concentration of one of the reactants 

, 


say B, is doubled keeping [A] the same and the value ЕЧ is 
dtja ` 


determined: 


dt J2 


( -%) = [А]"[2В} (2.35) 


Division of Eq. (2.35) by (2.34) gives: 
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dt Ji 
(al 
b* 1 dt 72 
or п = 93010 19810 EM Q.36) 
dt Jı 


The value of n is the order of reaction with respect to B. 
The reaction order with respect to A is also determined by doubling its 
concentration. Their sum, m + n, gives the overall order of reaction. 


Ostwald's Isolation Method 


In 1902 Ostwald used this method to determine the order of reaction by 
taking a number of reactants in large excess except one. The rate of reac- 
tion largely depended upon the concentration of this isolated reactant which 
is present in the least amount. 

Consider the following rate equation: 


= = KCACECE 
= КСА 
The order of reaction with respect to A may be determined by any one of 
the methods discussed above. The value of m and n can also be determined 


in the same way using a large excess of the reactants A and C and B andA 
in turn. The sum of the order gives the overall order of the reaction. 


WORKED EXAMPLES 


Example 2.1 А reaction is 50% complete іп 100 min. How much of the 
reactant would be left at the end of 200 min, if the reaction follows zero order 
kinetics? 


Solution If the reaction follows zero order kinetics then 


ko = = 
t 
Let [AP = 1 х 103 moll! 
then x = 0.5 103 mol I7! 
and ko= ae = 5.0 mol I-! min“ 
when t — 200 min 


x = kot = 5.0 х 200 = 100 mol 1-1 
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Example 2.2 Use the data in the table given below to show that the 
decomposition of N2Os at 67°C is a first order reaction. Calculate the rate 


constant. 


Time|min 0 1 2 3 4 


Conc N;0;/mol 171 0.160 0.113 0.080 0.056 0.040 


Solution The data is plotted in Fig. 2.5. 


Ax — 4.0 min 


slope 4.0 min тїп! | 


logio[N2Os] 


-1.2 


Time/min 


Fig. 2.5 Plot of log [N2Os] v. time 


Since the graph is a straight line, the reaction is first order. The slope of 


k 
graph ш 3.30 
k = —2.30 slope 
- (—2.30)(—0.15) _ гаа 
а а ON 0.35 min“! 


Example 2.3 The decomposition of hydrogen peroxide to water and oxygen 
2H202(1) — 2Н2О(1) + O2(g) 
is a first order reaction with a rate constant of 0.0410 min, 


(a) If we start with 0.50 M H202 solution, what will be its concentration 


after 10 min? 
(b) How long will it take for the concentration of H202 to drop from 


0.50 M to 0.10 M? 
(c) How long will it take for one half of a sample to decompose? 
Solution 


(а) k= 2308 logi —— E: 


Given a — 0.50 M 
k = 0.0410 min! 


t= 10 min 
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(а— x)=? 


0.50 0.04010 
(a— x) 2.303 


logio = 0.178 


or (а = x) = 0.331 mol I! 
(b) Again rewriting the first order equation, we have 


a 


2.303 р, 0.500 
0.0410 °S" 0.10 


= 56.1 logio 5.0 
= 39.2 min 


(c) Using the equation 


0.693 
tp сис 


0.693—- 
0.0410 """" 
= 16.9 min 
Example 2.4 In the formation of carbonyl chloride 
CO + Ср -> COCh 


the following results were obtained: 


Time/min 0 6 12 18 24 30 
(a — x)/atm 0.5 0.488 0.478 0.471 0.463 0.455 
1/(а — x)/atm^! 2.00 2.049 2.087 2.127 2.160 2.198 


Determine the order of reaction from these results and calculate the value 
of rate constant. 


Solution 1/(a — x) is plotted against time in Fig. 2.6 Since the plot gives a 
straight line, the reaction is second order. 
(2.1 — 2.0) atm"! 

(16 — 0.0) min 

= 6.25 X103 atm^! тіп-! 
Example 2.5 In the reaction between insecticide DDT and sodium ethoxide 
in ethanol at 25°C 
С2Н;0- + CCh—CHAr» > CI- + СЬС = CAr + CoHs0H 


the course of the reaction was followed by monitoring the concentration of 
CI- which increases as the reaction proceeds. If the initial concentration of 
С2Н50- and ССІз—СН Ar» are 0.0246 mol I7! and 0.0129 mol I7! respecti- 
vely, calculate the rate constant from the following data. 


Slope = 
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2.2 


21 


A 
№ 
о 


1/(a-x) atm 


© 


1.8 
4 8 12 16 20 24 28 32 


Time/min 


1 
Fig. 2.6 Plot of (rx x) time 


Time/s 0 75 135 225 400 665 900 1200 1800 о 
[Cl-]x10*/moll- 0 0.13 023 038 0.52 0.73 0.55 0.98. 1.11 1.29 
[C4H;O-] 

X 102/mol 171 246 233 223 2.08 1.94 173 1.61 148 135 1.17 
[CCl,—CHAr.] 

x 102/mol 1- 129 1.16 106 0.91 0.77 0.56 0.44 0.31 0.18 0 
Па 2220] 0.645 0.697 0.0744 0.827 0.924 1.13 1.30 1.56 2101 © 


(b — x) 


Solution The reaction is second order. 

If x is the concentration of CIO at time /, the concentrations of CoHsO- 
and CCh—CHAr will be (a — x) and (b — x), respectively. 
The Eq. (2.15) can be written as 


g-3- (a — b) 


logto 7———— (ps 73303 ~kat -- logio ^" 
(a — X»). : А 4 : 
Log `p — y is calculated for various values of x and is mentioned in the 
above table. 
(a — x) 3; | 
Гор [wer is plotted versus tin Fig. 2.7 


Slope = 7.58 х 10-4 s! 


2.303 
(a — x) 


= 6.50x 1072 1 mol! s-1 


— slope x 
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2.2 

1.8 

[1+ 
! 1 
эра 

g 1.0 

0.6 

Оо 400 800 1200 1600 2000 


Time/s 


Fig.2.7 Plot of log = 3 v. time 


Example 2.6 For the reduction 2FeCl; + SnCl; -> 2FeCl2 + SnCh in 
aqueous solution, the following data were obtained at 25°C. 


Time|min 1 3 7 11 


Y/mol 1-1 0.01434 0.02664 0.03612 0.04102 


where Y is the amount of FeCl; reacted. The initial concentrations of SnCl2 
and FeCls were, respectively, 0.03125 and 0.0625 mol 1-1, Show that the 
reaction is third order and calculate the average specific rate constant. 


Solution 
oco CA TEE ————— Á—ÉÁ— e: 
Timejmin — x[mol 17 (a — x)fmol p ky = zl m3 
2t L(a—x)?_ а? 
(mol/l)? min“? 
1 0.01434 0.04816 87.58 
3 0.02664 0.3586 80.95 
T 0.03612 0.02638 84.33 
11 0.04102 0.02148 87.92 


Since the value of rate constant is nearly the same, the reaction is of third 
order. › 
Кз (average) == 85.195 (mol/1)? min! 


Example 2.7 Use the data in the table below to show that the reaction of 
bromine atoms with СрО is a second order reaction, with respect to each 
atom. Use the trial and error method to prove your statement. 


Time/us 0 40 70 100 
[СО] х 10?/mol 1-1 24.4 19.70 17.85 16.56 
[Br] x 108/mol 1—1 12.2 7.50 5.65 4.36 
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Solution Let us suppose that the orders of reaction with respect to ChO 
and Br atoms are т and m respectively. The values of rate constants for 
different combinations of m and m using different integrated rate equations 
for different order of reactions are: 


k 
m = 0, п, = 0 0.118 x 10 0.062 x 107? 0.050 x 107? 
n = 1, п = 0 5.34 3.29 2.33 
пу = 0, пу = 1 12.06х 10 9.44 x 10! 8.61 x 10! 
n = 2, п = 0 2.50 x 10° 2.33 x 105 2.0 x 10° 
m = 0, п = 2 1.27x 10° 1.47x 10° 1.70 x 105 
m =й, m = 1 5.40% 105 5.30% 10° 5.30 105 


It is seen from the above table that for m = 1, m = 1, the value of k 
remains almost constant. 
Example 2.8 Below are the results of the alkaline hydrolysis of ethyl 
nitrobenzoate (A). Determine the order of reaction by the half-life method, 
and find the rate constant. 


Time/s 0 100 200 300 400 500 600 700 800 


[A]/10- mol I. 5.00 3.55 2.75 225 1.85 1.60 | 1.48 1.40 1.38 


Solution The data are plotted in Fig. 2.8(a), and a, b, c, d, earethe initial 
times. Initia] concentrations corresponding to initial times are found out. 
Find the time for each concentration to fall to half of its initial values. 


a b c d e 
[A]o/ 107? mol 17 5.00 4.50 4.00. . 3.50 3.00 
tals 240 270 300 345 400 


1/[A] X 10°/mol EU" 


0.01 


Fig. 2.8(a) Plot of t; v. E 
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500 
400 
300 
200 
20 24 28 32 36 
1ДАр / mol `’ 


1 
Fig. 2.8(b) Plot of (АТ; vetus 


A plot of ti» against I/[A]o gives a graph as shown in Fig. 2.8(b). The 
graph shows that /1/2(b) is not independent of [A]o. Since t1/2 (s) oc 1/LA o, 
the reaction is of second order. The slope is 12.5: 


T n. ire 
К = (23) 1 mol"! s 


== 8.0x 1072 I то]! s-! 


Example 2.9 In a gaseous reaction, time for half change (1/2) for various 
partial pressure (Р) of the reactant was given as follows: 

Pj(torr) 200 300 400 

fyisí min 150 99.8 73.3 


Find the order of reaction. 
Solution From Eq. (2.30), we have 

thal ftia 
аја! 


Substituting the data in the above equation, 


п = 1 + logio 


‚ logio 15.0 — logio 99.8 


n — 1 + ов 300 — 108 200 


= 2.00 
Similarly, 


= logio 99.8 — logio 75.3 
e E00 E Ingm 399 


= 1.97 => 2 (approximately) 


Thus the order of reaction is two. 
І 
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Example 2.10 Below are the data for a chemical reaction 
A + B —— Products 


[А/М [B]/M Initial rate 
_ dA] 
"dr. 
0.5 0.5 0.02 
1.0 0.5 0.08 
1.0 1.0 0.16 


Solution We know that the rate expression of the reaction is 
. А] 
dt 


where m and л аге the orders with respect to [A] and [В]. Using the above 
equation 


= KA}"[B]" 


0.08 _ k(1.0)" x (0.5)" 


0.02  K(0.5)" x (0.5)" 


or Е 2m 

or m=2 

i.c. order with respect to [A]. 

Similarly, 
0.16 _ k(1.0)? (1.0)? 
0.08 k(1.0)? x (0.5)" 

2= 2 
or 


ni 


Thus, order with respect to B is 1. 
Overall order of reaction = n + m = 2 + 1 = 3. 


PROBLEMS 


1. The decomposition of NH; on tungsten wire at 856°C gave the following results. 


Total pressure/tort 228 250 273 318 
Time|s 200 400 600 1000 


Determine the order of the reaction and calculate its rate constant. 
(Ans. Zero order and 0.1117 torr 571) 
2. A reaction is 50% complete in 10 min. It is allowed to proceed another 5 min. 
How much of the reaction could be complete at the end of these 15 min if the 
reaction follows zero order kinetics? 
(Ans. 50 mol 17 min? and 250 mol 17!) 
3. A reaction follows the rate expression: 
rate = k[A] 


42 


10. 


Ih 


12; 


13. 
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If the rate is expressed in terms of mol 17% s- and the concentration of A is in 


mol 1-2, what are the units of the first order rate constant? (Ans. 57%) 


. The rate constant of a first order reaction is 2.5Х 10^? 5-1, and the initial con- 


centration is 0.10 mol 1-1. What is the initial rate? 
(Aus. 2.51077 mol 1-2 571) 


. The partial pressure of azomethane, CH;N,CHs, was observed as a function of 


time at 600 K with results given below. Confirm that the decomposition 
CH;N,CH; —— CH3CH,(g) + N.(g) 
is first order in CH,N2CHs, and find the rate constant at this temperature. 


Timeļs 0 1000 2000 3000 4000 
Pressure/10-* torr 8.20 5.72 3.99 2:78 1.94 


(Ans. The plot is straight and k = 3.6: 107* 571) 


. The reaction SO,Cl — SO, + Cl, is a first order reaction with k, = 2,2 х 10-* 


5-1 at 320°C. What per cent of SO,Cl, is decomposed on heating at 320°C for 


90 min? (Ans. 112 per cent) 
. In the conversion of cane sugar, it is found that the half-life period is equal to 

1.18: 10* s. What is the rate constant? (Aus. 5.872 105 5-1) 
. The half-life of a first order chemical reaction A —-> В is 10 min. What per cent 

of A remains after 60 min? (Ans. 1.56394) 
. CIO radical decays as: 


2CIO —— СІ, + O: 


Calculate the value of rate constant k from the following data. 
nui —— —— —————À€€À 


Time/ms 0.12 0.62 0.76 1.60 3.20 40 
[C10] х 10*/mol 171 8.49 8.09 7.10 5.79 5.20 4.77 


[СТО] х 105/mol 1-* 0.118 0.124 0.141 0.173 0.192 0.21 


(Ans. kg = 2.35x10 1 mol-! s7!) 
In the reaction between bromine atoms and 

Br + ClO —— BrCl + CIO 
CI,0, the course of the reaction was followed by measuring the concentration of 


CIO radicals. If the initial concentrations of bromine atoms and СЬО are 
12.2x 10-* mol 17? and 24.4: 10-* mol 1-!, calculate the rate constant. 


Time/ps 10 20 30 40 50 60 70 100 
[C10] x 10%/ 168 2.74 36 470 560 619 655 7.81 
mol 17! 


П 


(Ans. К» = 549x109 1 тої! $7) 

At 25°C the rate constant for the hydrolysis of ethyl acetate by NaOH is 6.5 1 
mol-! min-!, starting with concentration of base and ester of 0.03 mol 172 of 
each. What proportion of ester will be hydrolysed in 10 min? (Ans. 66.1%) 
Decomposition of a gas is of second order. When the initial concentration of the 
gas is 5x10-* mol 171, it is 40% decomposed in 50 min. Calculate the value of 
rate constant. (Ans. 26.67 1 mol min“) 
For the second order reaction 
CH;COOC,H; + OH- —-+ CH,;COO- + C;H;0H 


at 25°C, k, = 6.21: 107? 1 mol-! s~, Calculate the time required for the hydro- 


lysis of 90% ester if the initial concentration of the reactants in the reaction 
mixture are: 


14, 


13; 


17. 
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(a) а = 0.05 mol I-, b = 0.1 mol 17! 
(b) a = 0.05 mol 17, b = 0.05 mol 1-7 

(Ans. (а) 5.5Xx10 s 

(b) 14.3 x 10? s) 

The half-change time of a second order reaction is 20 min, when the initial con- 
centration of the single reactant is 12x10-* mol 17%. Calculate the value of rate 
constant. (Ans. Кз = 0.416 1 mol?! min“) 
The following table gives the kinetic data for the reaction between Na,S,O, and 
СНз at 25°C, the concentrations being expressed in arbitrary units: 


Time/min 0 4.75 10 35 55 
М№а,5,0; 35.35 30.5 23.2 20.3 18.6 12.1 
CHs(g) 18.25 134 6.1 32 1.5 0 


Use the trial and error method to show that the reaction is second order. 
Use the half-life method to determine the order and rate constant of the reaction 
giving the following data: 


Time/s 0 100 200 300 400 500 600 
[A]x10%/mol 1-? ^ 440 3.5 ^ 298 2.57 226 ^ 201 1:81 


(Ans. Second order апа k, = 0.54 litre то! 5-1) 
The half-life periods of decomposition of PH; for different initial pressures are 
given below: 


P](torr) 707 79 37.5 
tı/min 84 84 84 
Find the order of the reaction. (Ans. First order reaction) 


. Below are the data for the reaction 


ЗНО + BrO; ——> Br- + 30, +.3H,O 


Calculate the order of reaction with respect to each reactant. 


[Н+] [ВгО5 ] [H;0,] Initial rate 
=а 181031, ооа) 
dt 
0.10 0.00587 0.036 9 
0.10 0.01174 0.036 19 
0.120 0.00978 0.0385 20 
0.120 0.00978 0.077 40 
0.120 0.00489 0.0363 9 
0.240 0.00489 0.0363 18 
0.240 0.00493 0.0363 18 
0.360 0.00493 0.0363 28 


(Ans. Order is one with respect to [Н+], [Вг0;1 [H:0;]) 


THREE 


Methods of Studying 
Reaction Kinetics 


In this chapter we are going to deal with the various experimental procedures 
used to study the kinetics of slow as well as fast reactions in both gas and 
solution phases. In kinetic studies an experimental requirement is a suitable 
analytical procedure which would enable us to determine the rate of a 
chemical reaction. Two types of analytical procedures are generally employed. 
They are chemical and physical methods. 

Chemical methods involve the measurement of concentration of one of 
the reactants or products as a function of time by volumetric or gravimetric 
techniques. Here it is important to note that the method of analysis should 
be faster than the reaction being studied. However, if the method employed 
is relatively slow, it must be possible to stop or freeze the reaction. This 
may be done by rapid cooling in iced water, addition of an inhibitor or 
removal of reactant. This method gives the absolute value of concentration. 

Physical methods of analysis are based on the measurement of some 
physical property of the reactant which changes as the reaction proceeds. 
Some of the methods used in kinetic studies are pressure measurements in 
gaseous reactions, dilatometry, optical, electrical, thermal methods, etc. 
Physical methods of analysis have the following advantages over the chemi- 
cal methods. 

l. They are rapid. 

2. Since the reaction is carried out in a reaction vessel, the sampling 

error is eliminated. 

3. The system has less disturbance. 

The disadvantages of the methods are: 

1. They do not give the absolute value of concentration. 

2. Side reactions may cause an appreciable error. 


3.1 CHEMICAL METHODS 


In this method the progress of the reaction 
definite quantity of the sample and 
intervals of time. There are two ways 
on the nature of the rea 
room temperature, 


is followed by withdrawing a 
analysing it chemically at different 
of withdrawing a sample, depending 
ction being studied. For the reaction occurring near 
a sample of the reaction mixture is prepared and is 
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kept in a constant temperature bath. After the sample has attained the tem- 

perature of the bath, aliquots are withdrawn at suitable time intervals. The 

aliquots are analysed by a suitable volumetric method after freezing it. 
Kinetics of the hydrolysis of ethyl acetate by sodium hydroxide have been 


studied in aqueous medium at room temperature by this method. The 
reaction is 


C2HsCOOCH3 + NaOH — CH3COONa + C;HsOH 


A reaction mixture containing the required concentration of the reactants 
are kept in a thermostat. The progress of the reaction is followed by 
withdrawing a known volume of the reaction mixture after it has attained 
the temperature of the bath. The aliquot is added to a known excess of 
dilute HCl in order to arrest the reaction. The excess of acid left is back- 
titrated by sodium hydroxide. | 

For reactions at high temperatures, sealed glass tubes containing aliquots 
of the reaction mixture are placed in the thermostated bath. When the tubes 
have attained the bath temperature, they are removed at various intervals 
of time and the contents are analysed volumetrically after cooling them. 

An example of the kinetic study of a reaction by the chemical method is 
the reaction of sodium ethoxide with n-butyl bromide in ethyl alcohol 
at 60°С. 


n-C4HoBr + CoHsONa — NaBr + n-C4H90C2Hs 


The experimental procedure is as follows: 

Aliquots of the reaction mixture prepared in equimolecular proportion 
were introduced into the glass tubes and then sealed. The tubes were 
immersed in a thermostat at 60°C. When the tubes reached the bath tempera- 
ture, they were removed one by one at various intervals of time and rapidly 
cooled in a freezing mixture. The tubes were then broken under dilute 
nitric acid and the contents were analysed for bromide ions by titrating 
with standard silver nitrate solution using potassium chromate as indicator. 


3.2 PHYSICAL METHODS. Use of Variation in Physical Properties 


In these methods some physical property related to concentration which 
can be readily measured is used. But the property being measured must 
differ from reactants to products to an appreciable extent. Moreover it should 
also vary linearly with concentration changes of reactant and product, i.e. 
the physical property should have a linear dependence on concentration. If 
a linear relationship is not found, a calibration curve must be plotted so 
that readings of the property can conveniently be converted into concentra- 
tion. However, such a curve is not needed if a linear relationship exists. 


This can be verified from the following treatment. Ў 
ve the reaction which goes to completion: 


A=B 


Suppose we һа 
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Let 4; be the value of the physical property at any time t; then 


. ФА), _ dA А], 
ae ad ty (8.0) 
If the value of А varies linearly with the concentration of A, then: 
[A], = b + aX 
ДА} — 
апа “ate ЗҮ а (3.2) 
where a and P are constants under experimental conditions. 
Hence Eq. (3.1) becomes 
. 9А» X dX, 
di cord G.3) 


Thus a plot of [A]; against t and a plot of № against / will be very much 
similar and the order of reaction can be determined from both the graphs. 
Here it is not necessary to convert 


ал, [А], 


—— to 
dt dt 
However, to obtain the value of rate constant “К?” it becomes necessary to 


h d to 9А} 
change 5; di 


For this value of ‘a’ in Eq. (3.3) should be known which is given by 
— (Als — [AI) 
Qo > Ao) 
where subscripts 0 and oo are the initial and final values of A and А. 
Thus Eq. (3.3) becomes: 


ЧА} _ dy (A) — ГА EN 


dt dí | (s — №) 


The following are some of the physical properties related in some simple 
manner to the concentration in the reaction mixtures that have been used 
in kinetic studies. 


Measurement of Pressure or Volume of Gas Evolved 


The most useful method for following such reactions where one of the 
reactants or products is gas are the measurement of pressure or the volume 
of the system as a function of time with the help of a manometer or gas 
burette. The following are the examples of reactions which have been 
studied by these methods. 


1. (CH3)3COOC(CHs)3 = 2(CH3)2CO + C2H6 
2. СОС = CO + Ch 

3. Н + Ch = 2НСІ 

4. 2Н20(а4) = 2H20(1) + Ox(g) 
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acid 


5. C6HsN2C1 + НО —> CsHsOH + № + НСІ 
Measurement of Pressure at Constant Volume 


This method involves the measurement of the pressure of the system. The 
method followed here is to introduce reactants or reaction mixture of known 
composition into a flask or bulb thermostated at constant temperature. The 
course of the reaction is followed by measuring the total pressure by means 
of a device illustrated in Fig. 3.1. 
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Fig. 3.1 Apparatus for monitoring the total pressure of 
the system 


The method is applicable to such reactions where there is a change in the 
total number of moles causing a change in the total pressure; It can also be 
used to a system where the stoichiometric equation does not predict a change 
such as: 


H2 + Cb = 2HCI 
Such types of reaction can be followed by removing a reaction product 


continuously by condensation or absorption and measuring the resulting 


decrease in the total pressure of the system. 
This method is very simple and convenient for studying the gaseous 
reaction. However, one should note that the reaction being studied must be 


slow enough to make the initial preparation. 3 
However the method may not be so useful where the complicated changes 


occur during the course of the reaction. 
Measurement of Volume at Constant Pressure 
The rate of reaction can also be conveniently followed by measuring the 
volume of the gas evolved during the course of a reaction. For example the 
decomposition of hydrogen peroxide: 

2H202(aq) = 2H30(l) + Ox(g) 
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The simplest way of following the course of this reaction is to measure 
the volume of oxygen evolved at different intervals of time by means of a 
gas burette (Fig. 3.2). 


Fig. 3.2 Apparatus for studying reactions involving evolution 
of gases 


The rate of reaction will be given by: 


дол 
dt 
In order to find the rate constant, one should know the concentration of 
H202 at various time intervals. If the mol of O2 is known, the mol of 
H202 or concentration of H202 can be determined. The mol of О» is found 
from the gas-volume relationship. 
The concentration of H20» can also be determined in the following way. 
If V; and Vo are the volumes of oxygen evolved at times t and co, then, 
(Vo — Vi) e [H202] 


= [H202]" (3.5) 


and Eq. (3.5) becomes: 
до] 
dt 
Thus the kinetics of decomposition of H202 can be studied conveniently. 


= и — V) (3.6) 


Conductometric Method 


This method is based on the fact that the electrical conductance of а reac- 
tion mixture changes due to an increase or decrease in the number of ions 
in a reaction. The kinetics of such types of reaction, e.g. 


1. CH3COOGHs + NaOH > CoH5OH + CHsCOONa 
о о 
I 1 
2. CsHs—C—CHoBr + CsHsN — CcHs—C—CH2—NC:HHs -+ Bro 
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can be easily and accurately studied by measuring the electrical conductance 
of the reaction mixture at suitable intervals of time at a desired temperature 
with the help of a conductivity bridge (Fig 3.3). 


CONDUCTIVITY 
CELL 


RESISTANCE 


INDUCTION COIL 
THERMOSTAT 


Fig. 3.3 Apparatus for the measurement of the conductance 
of the reaction mixture 


In reaction (1), since the hydroxyl ion is being replaced by the acetate ion, 
the conductivity decreases. But in reaction (2) ions are formed from the 
neutral molecule, conductivity increases as the reaction proceeds. 

In order that the conductivity should have a linear relationship with con- 
centration, the solvent used must have a high dielectric constant. In dilute 
solutions, change in conductivity can be taken as proportional to the extent 
of the reaction. Thus if conductivity at time zero, Co, conductivity at time 
t, C, and the final conductivity at infinity Co, are known, then, 


x € (Co — C) 
(а) (С = С) 

and 
a € (Co — Cu) 


If the reaction is a first order one, then the Corresponding values of a and 
(a — x) can be substituted in the fundamental equation for first order. The 


slope of a plot of aE against t would also give the value of rate 


constant К. 


Potentiometric Method 


This method is successfully applied to study the kinetics of fast reactions, 
The method involves the measurement of the emf E" of the cell with time. 
The cell contains an appropriate electrode, also termed as an indicator 
electrode, dipping in the reaction mixture along with the reference electrode. 
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An indicator electrode is the one whose potential varies with the concentra- 
tion of ions. As it is not possible to determine the electrode potential 
separately, the indicator electrode is used in conjunction with the reference 
electrode whose potential remains constant during the course of the reaction, 
Thus the emf of the cell depends only on the change in the concentration 
of the ions in the reaction mixture. 

One of the reactions whose kinetics have been studied by this method is 
the bromination of phenol. The cell used to study the reaction consists of 
an indicator electrode of bright platinum and a reference electrode of satur- 
ated calomel immersed in the reaction mixture containing bromine, phenol 
and an excess concentration of Br-. The electrode potential of such a 
system may be given by the Nernst equation: 


RT RT 
SEO ST - A 
E F loge [Вг-] + ОР loge [Br] 
R 
= E' + Е log. [Bra] (3.7) 


The value of Z’ is constant. It depends only on temperature and concentra- 
tion of Вг” ions. Eq. (3.7) indicates that the emf “E” is directly propor- 
tional to the logarithm of the concentration of bromine. 

The value of the rate constant of such reactions can be computed in the 
following manner. 

Let us consider the above reaction: 


ArH + Br? — ArBr -+ HBr 


If the above reaction behaves as a second order one, the rate law is 
expressed as: 
_ d[Brz] 
dt 
zs !Л@[ В| 
[Br] dt 
oS SPU loge [Br] _ МАТН] (3.8) 
Equation (3.7) on differentiation yields, 
dE _ _ RT dlog [Bri] 
dt 2F dt 


= k[ArH][Br2] 


or = Kk[ArH] 


Substituting the value of — q tog [Bra] in Eq. (3.9), we get: 


аай 
dics 5p ATH] 


2B. dE. esp 
RT ap = KATHI 
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If [ArH] is kept constant, ра will remain constant. Thus the slope of the 


electrode potential-time plot would yield the value of k. 


Polarographic Method 
Polarography is an electrochemical method. It enables one to obtain kinetic 
data with a precision comparable with most other methods used in reaction 
kinetics. 2 

Two quantities namely diffusion controlled limiting current (ia) апа half- 
wave potential are of importance in the application of polarography to 
reaction kinetics. In a reaction of the type 


S + R — Product 


the rate of reaction can be studied by following the change in diffusion- 
controlled limiting current (usually called diffusion current) due to electro- 
active species with time. The diffusion current, ia, isin most cases, directly 
proportional to the concentration of the electroactive species in the electro- 
lysed solution. For any particular electrode, diffusion current is governed 


by the 7/kovic equation 


ig = 607л0!!?Ст?!3\!6 
where ia = the diffusion current in microamperes (i.e. the current corres- 

ponding to the plateau of the polarographic wave). 

п = number of electrons consumed.in the reduction of one mole of 
the electroactive species. 

D = the diffusion coefficient of the electroactive species under the 
experimental conditions. 

C = concentration of the electroactive species expressed in milli- 
moles per litre (mM) 

m == mass of mercury flowing out through the capillary per second 
in milligrams 

t = drop time in seconds (i.e. the time for formation of one drop 
of mercury). 


Thus the change of the diffusion current of a given species with time gives 
us directly the concentration time dependence. The wave-height of currents 
affected by chemical reactions at the surface of the electrode is a function 
of the rate constant of this reaction. When the equilibrium constant is 
known from an independent measurement, it is possible from the measure- 
ment of the height of such waves to determine rate constants of first reversi- 
ble reactions taking place at the surface of the electrode. 

The second important quantity, the half wave potential can be a measure 
of the standard free energy change (4G?) or free energy of activation (4G#) 
associated with the electrolytic process. The value of the half wave potential 
depends on the nature of the electroactive species and composition of the 
solution being electrolysed. The half wave potentials are important both for 


slow and fast reactions. 
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Method 


The kinetic study of such reactions can be studied satisfactorily by polaro- 
graphy in which at least one of the components of the reaction mixture 
(either reactants, intermediates or products) is electroactive. A systematic 
polarographic examination must precede the kinetic study. One should 
know before-hand how the changes in supporting electrolyte, such as pH, 
buffer type, solvent, temperature etc. affect the polarographic wave. One 
should also ascertain whether the wave found depends on the concentration 
of the compound under study. Diffusion-controlled currents are most fre- 
quently used for kinetic studies but, other types or polarographic currents 
(kinetic or catalytic currents) can be applied for this purpose as well. 

For measurement of polarographic currents, this reaction is carried out 
directly in the polarographic cells at constant temperature (Fig. 3.4). 
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Fig. 3.4 Polarographic vessel 


This reaction is started by the addition of one component to the reaction 
mixture. The time of half addition of the added compound is taken as the 
beginning of the reaction. The measurement of polarographic current is 
carried out by recording the entire polarographic current-voltage curves. 


Advantages 


1. Measurement can be carried out directly with the reaction mixture. 
2. The reaction can be followed in very dilute solution. 


3. During polarographic electrolysis, the current can easily be continu- 
ously recorded. 


4. The intermediates in the reaction mixture can sometimes be identified. 
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5. The presence of buffers, neutral salts and some solvents, coloured 
material, soluble polymers and other substance does not affect the precision 
of the polarographic determination of rate constants. 

6. The data are reproducible. 


Spectrophotometric Method 

When a beam of light is allowed to fall on a medium, a part of itis absorb- 
ed by the medium but the rest is transmitted, refracted and scattered. The 
extent of the absorption depends on the chemical composition, thickness 
and concentration of the absorbing molecule present in it. This is given by 
Beer-Lambert’s law which can be expressed as: 


І = he — «Cl 
or log 2 = «C1 

4 To 
or D, Aor E = log 7 = «СІ 


when J and Jo are the intensities of transmitted and incident light, respec- 
tively, C is the molar concentration in mole/litre, / іѕ the thickness of the 
solution in cm through which the light travelled. e isa constant called molar 
extinction coefficient or molar absorptivity and is a characteristic of the 
absorbing species present in the system. 


The ratio i is the fraction of the incident light transmitted by the 


medium. The quantity log 2 is called optical density D, absorbance A or 


extinction Е. 

The law holds good for monochromatic light and in systems where only 
one type of light absorbing species is present. The wavelength at which 
maximum absorption occurs is characteristic of a substance. 

In spectrophotometric kinetic study the reaction is followed by measuring 
the optical density at a particular wavelength as a function of time. If the 
Beer-Lambert's law is valid, the optical density D will be proportional to 
the concentration. This will provide a calibration curve. Using this calibra- 
tion curve, the unknown concentration of a reactant at various intervals of 
time can be determined. For example kinetics of alkaline hydrolysis of 
methyl acetate can be conveniently followed by this method at 332 nm. The 
optical density is measured spectrophotometrically at 332 nm by withdraw- 
ing thermostated reaction mixture at suitable interval of time. The specific 
reaction rate constant can be calculated by the following equation. 


.. 2.303 Dos, 
iia DD, 


where Do, Р; and D» represent the optical density at the beginning, at time 
t and at infinity, respectively. 
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Polarimetric Method 


Certain substances have the property of rotating the plane of polarised light 
to the left or right. Such substances are optically active substances and the 
phenomenon is optical activity. The optical rotation, с, of a substance is 
given by the relation: 
i a 
[xh = IC 

where [«], denotes the specific rotation of the substance at /^C for the 
wavelength А, / is the length in decimeter of the column through which the 
light passes and C is the concentration of the solution in 100 cc. 

This property is used in the kinetic study of the reaction by measuring 
the optical rotation at different intervals of time. The only restriction is that 
one of the reacting substance should be optically active. 

This method has been extensively used to study the inversion of cane 
sugar. Cane sugar hydrolyses to give glucose and fructose in presence of 
acid. 

C12H22011 + H20 — C6H1206 + C6H1206 
The reaction is of first order and can be very easily followed by recording 
the change in rotation as the reaction proceeds. The optical rotation is 
directly proportional to the concentration of cane sugar. The specific 
reaction rate constant can be calculated from the following equation. 
2.303 To — Гг 

k= ЖА С logto EXIT EXIT 
where ro, г; and ro аге the readings of the specific rotation initially, at time 
t and at infinity. 


Dilatometric Method 


This method involves the measurement of the change in volume of the 


reaction mixture at regular intervals 

of time by using a dilatometer. A 

dilatometer is a reaction vessel con- 

nected to a capillary tube through 
CAPILLARY which the change in volume is 
^ measured. The bottom of the reac- 
tion vessel is connected to a tap and 
funnel through which it can be filled 
(Fig. 3.5). 

It should be noted that no air 
bubbles are trapped in the dilato- 
meter orin the capillary. Since dil- 
atometer is the same as a thermo- 
meter, it is essential to maintain a 
constant temperature to + 0.001°C 
during the run. 

Depolymerisation of diacetone 


SAMPLE BULB 


Fig. 3.5 Dilatometer 
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alcohol catalysed by sodium hydroxide has been successfully investigated 
using a dilatometer. Thus the rate of reaction 


O 
(СНз): C(OH): CHCOCHs == 2CH3COCHs 


is given by the equation: 


t lo — lı 


where /o, / and / аге the readings taken at the beginning of the reaction, 
at time / and at infinity. 


2 = 
к = 2303 logio [2 Al 


3.3 TECHNIQUES FOR THE STUDY OF FAST REACTIONS 


The various methods described in Sections 3.1 and 3.2 are useful for the 
reaction proceeding at a measurable rate. These methods are not suitable 
for fast reactions. A fast reaction is one whose half-life (11/2) varies from 107! s 
to about 10755 s. The methods have been developed to study the fast and 
very fast reactions in solution. Some of these reactions were once referred 
to as "instantaneous". No reaction is instantaneous because their rates can 


now be measured. 
The methods used in the study of these fast and very fast reactions are: 


. Flow methods 

. Relaxation methods 

. Flash photolysis 

Nuclear paramagnetic resonance method 
Nuclear magnetic resonance method. 


Re M n 


Flow Methods 


When two reactant solutions are mixed by pouring from one beaker to 
another the time of mixing is of the order of one second. In this time a fast 
reaction whose life is less than a second would have gone to completion and 
the rate measurements could not be obtained. If a method involving the 
mixing of the reactant solutions is to be used to study the rate of fast 
reaction, then the following two conditions must be met: 


1. The time of mixing must be much less than the reaction time. 
2. A method of making measurements must be found. 


Flow techniques, first developed by Hartridge and Roughton (1923), can 
meet these conditions for the study of rapid reactions in solution. In the 
constant flow method equal volumes of two reactions are made to flow 
through two separate tubes into a mixing chamber of appropriate design. 
Under conditions of turbulence the mixing of the two solutions takes place 
in about 107? s. The mixed solutions then flow into an observation tube. 
With the flow of this solution at a constant rate, the composition of the 
mixed solution at each position along with observation tube corresponds to 
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Particular extent of reaction that occurs. Hence within constant flow rate 
steady state concentration of reactants and products are established along 
the observation tube, i.e. concentration at a particular point along the 
observation tube does not change. The concentrations in the observation 
tube are determined by a spectrophotometric method at various positions. 


Each position along the observation tube Corresponds to the lapse of a 
definite time interval after mixing given by: 


za 

"à 
where x cm is the distance along the tube from the mixing chamber, a cm? 
is the cross-sectional area of the tube, and f cm? s^! is the total flowrate. A 


schematic diagram of the apparatus is shown in Fig. 3.6. The rates of reac- 
tions with half-lives of a few milliseconds can be studied by this method. 


t 


MOVABLE 
SPECTROPHOTOMETER 


Fig. 3.6 Diagram of the constant flow apparatus 
with movable spectrophotometer 


One of the first reactions studied using this method was the reaction 
between Fe?* and CNS- in aqueous solution. The rate law is 


= 3+ E ake 
rate = k2[Fe3*][CNS if + Tall 

where kz is the second order rate constant, and a is an empirical constant 
which is related to the dependence of reaction rate on pH. At 25°C the rate 
constant k2 is 127 1 mol-! s~. 

In a variation of the above method, the flow is stopped suddenly, and 
then the rate at which the system reaches equilibrium is followed by mea- 
suring the concentration change of a reactant or a product as a function of 


time with a fast response device usually UV-visible spectroscopy. This is the 
stopped-flow method. 
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In the quenched-flow method, after rapid mixing the flowing reactants are 
discharged into a quenching solution to arrest the reaction. At this instant 
the concentration as a function of time can be measured using chemical 
procedures such as titration in order to determine the extent of reaction. 

Among the fast reactions studied using flow techniques was the decompo- 
sition of carbonic acid. 

н»СОз > H20 + СО» 
carbonic acid is formed by mixing a solution of NaHCOs, with a solution 
of НСІ in a flow apparatus: 
NaHCO; + НСІ = НСО; + NaCl 

The decomposition reaction is followed by measuring the pH (pH < 8). 
The initial solutions contain an indicator, the colour of which changes 
because of the change in pH during the course of a reaction. The rate law is 

. d[HiCO:l 

dt 

At 18°C the rate constant k2 is 12.3 s~! which corresponds to a half-life of 
0.056 s. 


= ka[H2CO3] 


Relaxation Methods 


Flow techniques are not suitable for the study of reactions occurring in less 
than 1073s. Relaxation techniques are employed to study some of the 
fastest reversible gaseous and solution reactions. 

Kinetic study based on the measurement of rate of attainment of equili- 
brium is known as relaxation method. Here the reaction is allowed to reach 
equilibrium under controlled conditions. The state of equilibrium is then 
suddenly changed by rapid change of the physical parameters (temperature, 
pressure, etc.). The time, called relaxation time (7), which is necessary to 
cover a certain fraction of the path towards its new equilibrium, is measur- 
ed. The system tries to cover this path quite rapidly to reach the new equi- 
librium. This movement to equilibrium (known as relaxation), i.e. the rate 
of reaction from non-equilibrium state to the equilibrium state can be mea- 
sured by a ‘fast’ physical method. Photometric method is very often used. 
Two important requirements of the method are: 

1. The physical parameter required to disturb the equilibrium must be 
changed very rapidly. The time taken for the change must be of the order 
of half lifetime of the reaction. 

2, The analytical method used (conductometry, spectrophotometry) must 
be capable of responding very quickly to the changes in the reaction 
mixture. 

To explain its principle we may take a simple example. Suppose that the 
reaction is first order in both directions 


= В 
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Now suppose the equilibrium is suddenly displaced to the right. Let ao and 
bo be the original concentrations of A and B and let the concentrations in 
the new equilibrium position be symbolized by ae and be respectively. The 
concentrations at time г are a and b. If the initial displacement from the 
new equilibrium position is xo, and x is the displacement at time t, then 


х= а — а = 0, — b (3.10) 


The overall rate of the forward reaction leading to a state of new equilibrium 
position, i.e. the rate of relaxation, is 


dx 
= ар T a kab (3.11) 


Substituting the value ofa and b from Eq. (3.10) into the rate expression 
(3.11), we obtain 

— dx 

dt 


= ki(x + ae) — kalbe — x) (3.12) 
= (иа — Кобе) + (ki + kz)x 


Taking into account the fact that at equilibrium the rates of two opposing 
reactions become equal; that is 


kiae = kabe 
Hence 


— S8 = (a + kx (3.13) 
t 
On rearranging Eq. (3.13), we get 
— 95 (а + ka) dt 
On integration 


J-F- urfa 


— In x = (ki + k3t-- C (3.13) 
when / = 0, x = xo and С = —In xo 
Hence 
i In (&) = (Ki + Кә! G.14) 


Eq. (3.14) illustrates the important principle that the rate of relaxation 
depends on two rate constants. 


Introducing then the overall first order constant 


k = ki + k2 
Eq. (3.14) becomes 


X = xoe™ (3.15) 
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Here хо signifies the departure from equilibrium concentrations immediately 


after the initial conditions are changed. 
The rates of relaxation processes are defined by relaxation time. Relaxa- 
tion time is a quantity which is the inverse of the sum of the rate constants. 


-— s 


k 
Equation (3.15) can be written as 
x = хое" f (3.16) 
In numerical value т is close to the half-life period, T1/2 


Since 
Tu» тү» = In 2 = 0.6993 


т 


Thus by measuring х/хо at different intervals of time, 7 is obtained. From 7, 


the value of rate constant kı can be evaluated. 
In the temperature jump method, an increase of 10°C can be achieved 


suddenly in 1078$ by discharging a high voltage (kV) capacitor through a 
small volume of reacting solution. The increase in temperature causes à 
change in the equilibrium constant. For a finite but small temperature jump 
ôT, the equilibrium constant changes according to the equation 

Жас АН%Т 

K2 RT? 

where AH? is the standard enthalpy difference between products and 
reactants, This method has been used to study the measurement of rate of 
rcaction. 


In 


H+ + OH- > H20 


The concentration in the observation tube, i.c. extent of the reaction may 
be determined by using some property of the reaction mixture like colour 
intensity, conductance, etc. Eigen studied the kinetics of this reaction by 


relaxation techniques (temperature jump method) and was awarded a Nobel 


prize in chemistry for his work. 
In the pressure jump method, the reaction mixture is enclosed in a pressure 


vessel sealed with a thin metal disc. A pressure of about 50-100 atm. is 
applied to this. The metallic disc is punctured and the pressure is reduced 
to that of atmospheric pressure. The decrease in pressure changes the 


equilibrium constant. 


Picosecond and Femtosecond Spectroscopy 

laser systems, picosecond (10-12 s) and femto- 
s) were made possible. Laser systems can give 
at various wavelengths, along with the 
wavelength and intensity. Technical 
wever the examples given 


With the development of 
Second spectroscopy (10755 
intense picosecond or shorter pulses 


simultaneous measurement of time, 
details are out of scope of the present book. Ho 
below will illustrate the use of the spectroscopy. 
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Example 1 Excitation of stretching vibration of the C—H bond in C2HsoH 
occurs at 2900 cm". With the help of picosecond spectroscopy, it has been 
found that during relaxation this vibration is transformed into two bending 
vibrations of the C—H bond at 1450 ст-!. 


Example 2 The first stage in the process of vision is the excitation of 
rhodopsin. Rhodopsin partially deactivates forming an intermediate, pre- 
lumirhodopsin or bathorhodopsin. Picosecond spectroscopy shows that 
prelumirhodopsin is formed as a result of an intramolecular proton 
transfer—a “jump” of a proton from one position to another. 


Flash Photolysis 


The technique called flash photolysis makes use of relaxation and is espe- 
cially useful in the study of atoms and radicals that have only a short life- 
time before reacting. A schematic diagram of the apparatus is shown in 
Fig. 3.7. 


TRIGGER CAPACITOR 


H.V 


FLASH LAMP 
SPECTROGRAPH 


SOURCE REACTION erm 7] AMPLIFIER * 
VESSEL OSCILLOGRAPH 


Fig. 3.7 Block diagram of flash photolysis apparatus 


In this method, the system is brought out of equilibrium by exposing it 
to a very powerful beam of light of energy about 105J from a special photo 
flash lamp for a very short duration, say 10-3-10-* 5, and then the return 
of the system to the equilibrium is followed. Thus when a solution of iodine 
is illuminated with a flash of light, the dissociation reaction occurs. 


hy 
I> et I 


k 
I+I>k 


Immediately after the flash the concentration of undissociated molecules is 
measured photometrically, using their ability to absorb light in the visible 


region. 
Electron Paramagnetic Resonance Method 


This method is widely employed for the investigation of kinetics of the 
reactions involving free radicals. It makes use of the splitting of electron 
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energy levels under the influence of magnetic field for study of the reaction 
kinetics. 

EPR is a phenomenon associated with the presence of an unpaired 
electron on radicals. Such an electron possesses spin and the values of the 
spin angular momentum are + 1/2-h/27. Magnetic moment is, therefore, 
associated with spinning change particles along the axis of rotation of 
electrons occupying different orbitals. When all the occupied orbitals have 
paired electrons, net electron spin is zero and splitting of energy levels 
does not arise. But when the species contains an unpaired electron, the net 
electron spin is not zero. 

When such a charged particle is placed in a magnetic field, there is an 
interaction between the magnetic moment of the electron and the applied 
magnetic field. The result is that the energy is split up into two different 
levels having values + ЕН and —#H, where ш is the magnetic moment of 
the spinning electron. When an applied field of 3000 gauss the frequency 
corresponding to the energy level spacing is found to be in the microwave 
region of A œ 3 ст. When an electron interacts with a proton having a 
spin of J = 1/2 or with other nuclei with spin J, the energy levels may be 
split. An EPR will then be observed as having not one büt many absorption 
peaks. The hyperfine structure of multiplicity of lines obtained in the EPR 
spectrum, due to the interaction of the spin of the odd electrons with 
magnetic nuclei of the molecule, may help in identifying the radicals. 

By studying the conditions of disappearance of the fine structure, it is 
possible to determine the average lifetime of radicals which is associated 
with the width of the absorption line in the EPR spectrum. The width of 
the absorption line in the spectrum can have the following relationship to 
kinetics. If no reaction takes place, a narrower sharp line is observed. The 
absorption line is broadened when the reaction takes place since the average 
lifetime of the radical is shortened. 

EPR is specially useful for studing the reactions of short-lived paramag- 
netic intermediates such as free radicals present at low concentrations. The 
rate constants that can be measured are as large as 5X 107! s. 

Chemical processes such as electron transfer from a free radical to a 


diamagnetic species, e.g. 
Napthalene- + Napthalene —— Napapthalene + Napthalene 


or electron exchange between paramagnetic species, e.g. 
W(CN) + МСМ) — %/(СМ + (СМ 


contribute to the relaxation time. The spins tend to get aligned with the 
applied field, and thermal motion tends to oppose this alignment by 
randomizing the spin vectors. Randomization along the field is characteriz- 
ed by the spin-lattice relaxation time Ti, and perpendicular to the field by 
the spin-spin relaxation time T». These times can be obtained from pulsed 
experiments; Tz is also obtained from line width analysis. 

EPR is also used after rapidly freezing the reaction mixture and/or in 
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combination with flow or stopped-flow techniques. The slow step in ү 
combinations is freezing or mixing, which requires times of the order o 
milliseconds. 


One of the shortcomings involving the use of EPR is its relatively low 
sensitivity. 


Nuclear Magnetic Resonance Method 


This method makes use of the Zeeman splitting of nuclear energy levels. 
The theory of NMR Spectra is closely related to the theory of EPR spectra 
but the resonance frequency differs considerably from the EPR frequencies. 


The resonance frequency is in the radio frequency range. A schematic 
diagram of the apparatus is given in Fig. 3.8. 
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Fig. 3.8 NMR Spectrophotometer 


The apparatus consists of a sample tube S placed between the poles of a 
huge magnet M of adjustable field. Coils A and B surround the sample. 
Coil A emits a definite radio frequency from R.F. transmitter. Coil B picks 
up any radiation and carries it to a receiver then to the cathode ray 
oscillograph or recorder. On increasing the field Strength H, the radiation 
will only be absorbed when the nuclear energy level spacing matches the 
quanta of radiation of given v. The absorption occurs only when this condi- 
tion is reached. These absorptions are detected by the recorder. 

NMR is exhibited by any isotope of any element having a non-zero 
nuclear spin, i.e. C!? and О!6 have I= 0 and are not NMR active, By 
determining the shape and width of absorption lines in the resonance 
spectrum and also their charge caused by the conditions Such as tempera- 


ture and amount of reference added, it is possible to calculate the rate of 
reaction. 


— Ее 
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As an example of an application of NMR in mechanistic studies, let us 
consider the general exchange reactions given below: 
kex 
M(OH2)7* + Н ПО == M(OH2)n-1(!70H2)"* -+ H20 


ke 
ex 


where M is a paramagnetic ion. Oxygen-17 NMR line-broadening techni- 
ques are applicable to such reactions if 103 871 < kex < 108 5—1. 


FOUR 


Theories for Rate of Reactions 


In the previous section we saw how the rate of reaction varied with 
concentration and how the rate equation, which is important in understand- 
ing both organic and inorganic reactions, could be obtained. Another point 
in which we are interested is how the rate constant depends on temperature 
and pressure. It has been observed that the rate constants of various 


reactions vary appreciably with temperature. This temperature dependence 
led to the development of various theories of rate processes. 


4.1 TEMPERATURE DEPENDENCE: THE ARRHENIUS EQUATION 


It is well established that the rate of Teaction increases to an appreciable 
extent with rise in temperature. Experimentally it has been found that for 
a 10°C rise in temperature, the velocity of the reaction is doubled or 
trebled. This fact is very important. The ratio, К, + 10/k; = 2 or 3, is 
termed as temperature coefficient. In the decomposition of hydrogen iodide, 
for example, the value of temperature coefficient is 1.7. 

Arrhenius in 1889 explained the above fact with the help of the van't 


Hoff equation for variation of the equilibrium constant with temperature, 
According to van't Hoff: 


d In К, AE 
Сат = RP чш 


where Ke is the equilibrium с 
tent of the reaction. 


According to the law of m 


onstant and AE is the change in energy con- 


ass action, the Ке is related to the ratio of rate 


constants of forward and backward reaction, Ke = Hr 
b 
Van't Hoff proposed that Eq. (4.1) can be split up into two equations as 
follows: 
d In ki E 
= S RI -+ constant (4.2) 
d In k2 Ез 
"dr = рт? constant (4.3) 


where ДЕ = E; — Е, 


ki and / are the velocit 
opposite directions of 


Y constants in the two 


Theories for Rate of Reactions 65 


constant was independent of temperature and may have any value includ- 
ing a value of zero. If we take the constant to be zero, then Eqs. (4.2) and 
(4.3) can be expressed by the simple form: 


dink _ Ea 
dT ^ RT? (4.9) 
If Ea is not itself temperature dependent, Eq. (4.4) on integration gives: 
EE 
In k — RT + constant (4.5) 
Equation (4.5) can be also put in the form: 
к = Де ЕКТ (4.6) 


where A is the integration constant. It is also called the frequency factor. 
Equations (4.5) and (4.6) are the alternate forms of the Arrhenius equation. 

It follows from Eq. (4.6) that a plot of rate constant In k against 1/T 
should give a straight line having slope —E,/R (Fig. 4.1). Alternatively, the 
energy of activation Ea can be obtained by measuring the rate constant ki 
and k2 at two temperatures Tı and 72 respectively. 


logiok 


103/T 


Fig. 4.1 A typical variation of logio K v. 1/7 


From Eq. (4.5), at Ti 


E. 4.7) 
ME 
and at To, 
E2 (4.8) 
їп йз =— Rp, tb In A 
Subtracting, 
ka zB BL B +) (4.9) 
In TE ЕНЕР Т Т\ 
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n 3 hc xx. 1) 4.10 
or pd nage! ke il 2:308 RU ont MIB] 
The activation parameters АЁ can be evaluated by appropriately fitting 
Eq. (4.10). The value of activation energy £a is expressed in cal mol-! or 
kcal mol". 


4.2 SIGNIFICANCE OF ACTIVATION ENERGY 


We have seen earlier that the reaction velocity doubles for each 10? rise in 
temperature. An attempt to explain the great increase in reaction velocity 
interms of the increase in average energy of the molecules or in terms of 
the increase in the frequency of collision failed completely. The concept of 
activation energy was developed by Svante Arrhenius in 1888 which con- 
stitutes the backbone of all the modern theories. 

According to Arrhenius, the molecules must acquire a discrete minimum 
energy before the end products are formed. Thus the reactants must pass 
through an energy rich or activated state before they can react. The 
activated complex is often designated by a dagger symbol э. The quantity 
of energy required by the reactants to overcome this activated st 
energy barrier is known as the activation energy, symbolised by Ey. 

This may be made clear through a reaction coordinate 
diagram shown in Fig. 4.2. 


ate or 


potential energy 


ENERGY BARRIER 


-ACTIVATION 
a ENERGY 


Reactants 


Potential Energy — 


Products 


Reaction Coordinate — 


Fig. 4.2 Reaction energy diagram 


The reaction coordinate showing the progress of the reaction taken on 
the abscissa in a reaction energy diagram is a measure of interatomic dis- 
tances when the reactants approach one another to form the activated 
complex and its disintegration into products. When the molecules come 
together, physical variations such as structural orientations, internal vibra- 
tions and relative intermolecular distances, etc., occur. This causes energy 
changes in the system. The change in energy is continued till an intermedi- 


ate configuration Corresponding to the maximum energy, i.e. the activated 
complex is formed. 
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Thus, we find that energy of activation for any reaction is the difference 
between the potential energy of the activated complex and potential energy 
of the reactants as evident from the figure. 

It should be remembered that reaction energy diagram corresponds to a 
particular orientation in the transition state. 


This concept of activation energy is now a part of the modern theories 
of reaction rates. 


4.3 THEORIES OF REACTION RATES 


The Collision Theory of Bimolecular Reaction Rate 


The Collision Theory has been developed to explain why certain factors, 
such as the nature of reactants, concentration, and temperature affect the 
rate of a chemical reaction. This theory is based on the concept that before the 
molecules react, there must be collisions between the reactant particles and 
the particles must possess on collision sufficient activation energy to be 
activated. Accordingly, the rate of reaction is proportional to the number 
of collisions per unit of time and the fraction of collisions that are effective 
in producing chemical change. ; 

To develop the quantitative notions of reaction rate, let us consider that 
I2(g) combines directly with Bra(g) to form gaseous iodine mono-bromide. 

Ix(g) + Bra(g) ——> 2IBr(g) 

Let us visualise that there are four I? molecules and four Brz molecules in 


the vessel. The chance of one particular I2 molecule undergoing a collision 
with Brz can be indicated as shown in Fig. 4.3. 


12 Bro 
Ip Bro 
l2 Bro 
12 Вг2 


Fig. 4.3 Schematic representation of the 
effect of concentration on the 
collision frequency between la 
and Bra 


Under the chosen conditions, the chance of any I? molecule undergoing 
collision with Br2 is 16. In other words one 12 molecule can collide with any 
of four Br2 molecules and the total possible collision becomes 4X 4 = 16. 
If there are eight molecules of Iz and eight Brz molecules, then the likeli- 
hood of a collision between T» and Вг» is (8X 8) = 64. 

In general, 

A+B—+>D (4.11) 
The chance of collision is equal to NANs where Na and Ns are the numbers 
of moles of A and B respectively. Assuming the volume of the reaction 
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vessel to be constant, the chance of collision of reactant molecules (number 
of collisions) is proportional to the product of the concentration of reactants. 
Rate of formation of D = K[A][B] (4.12) 
where k is specific rate. 
For a reaction: 
A+B—>C+D 
Rate of reaction = Number of colliding molecules per litre 
per cc X fraction of the effective collision 
кеа Zap e FIRT (4.13) 
dt 
where Zan is the number of bimolecular collision per second per cc and E 


is the activation energy. The number of collisions of molecule A with that 
of B per second per cc in a bimolecular mixture is: 


1/2 
Zan = NANa "ват (1 ыш | (4.14) 
MA тв 
where, Na, Na = number of molecules of A and B in one cc 


9AB = average diameter equal to the molecular diameter 


(x which is called the distance of closest 


approach òr effective molecular diameter. 
ma and тв = masses of the molecules А and B. 
Introducing Eq. (4.14) into (4.13), we get 


А АП. Ама д2 в=кТ(—1- + =) "елт O (415) 
Пр УЗ SAB ТА тв г É 
According to the fundamental postulate of chemical kinetics we have: 
d 
~ 3; = МАЈВІ (4.16) 


where k is the specific rate constant. 


The concentrations of reactants A and B are equal to Na and Ns as seen 
earlier, this Eq. (4.16) is equal to 


d 
= ЕМА Np (4.17) 


Equating Eqs. (4.17) and (4.16), we have: 


k= ват (mer е-ЕЈЕТ 
ог, k = A'TM2 о-ЕЈВТ (4.18) 
where А = озь [кт 
mamp 
Taking the logarithm of Eq. (4.18), we get: 
In k— mA Ls т 5, 
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Differentiating this equation with respect to T gives: 
аЛа — EAIRT E 1 


aT ЕТ? ЕТ? 2T (4.19) 
In most cases 55 is small as compared to E/RT?. 
Therefore Eq. (4.19) can be written as: 
UT = уь (4.20) 


Equation (4.20) is an equation originally proposed by Arrhenius. 
If the reaction involves two identical molecules 


A + A ——> products 


thus 
dn 
a КАТА] 
=k МА 
The value of collision number is given by 
1/2 
Zan = ÁN2 02 (ат 
тл 
апа 


=Z e ERT 


The collision number, Z, is thus defined as ‘ће number of collision per 
second when there is only one reactant molecule per ml of the gas". 

Thus the theory relates the frequency factor in Arrhenius-equation with 
the collision number Z. 

The rate of reaction can be theoretically calculated by determining the 
collision number Z from viscosity data and E from reaction rate measure- 
ments at two temperatures. The theoretical values can be compared with 
experimental values from kinetic measurements in order to test the theory. 
The results have been found to be satisfactory for many gas reactions. For 
example, the calculated value of rate constant in the case of HI decom- 
position is 1.63 x 1072 litre mol“! s-!. Bodenstein experimentally found the 
value of k as 2.32xX103. It is seen that there is a very close agreement 


between the calculated and observed values. 
Steric Factor 


The collision theory can account for the rate of gaseous reactions involving 
relatively simple molecules and for many reactions in solution. For 


example, 
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Н + b —- 2НІ 
2NO; —— 2NO + О» 
2HI —— Н + I 
However cases are known where the rates of reactions differ from the cal- 


culated values to a marked extent. In order to account for deviations from 


the simple collision theory, a probability factor P, named the steric factor, 
has to be introduced. Thus: 


k = Р: е-Е!КТ 


Probability or steric factor Р is regarded as the ratio of observed rate 
constant to that calculated from the collision theory. The value of the steric 
factor usually ranges from 1 to 10-8. 


Weakness of the Collision Theory 


1. The molecules have highly reactive centres. These reactive centres are 
approachable from one side and not easily approachable from the other 


side. Reactions can occur only when there is collision with the reactive 
centres, For example: 


NO; ВОН Sd E к Вг” «NO» A N OH 
ethanol 


The reactions can occur only when hydroxyl ion attacks the bromo-sub- 
stituted carbon atom. It is thus seen that a certain degree of geometric 
orientation of the molecules is required to form a transition state. The con- 
cept of the likelihood that a suitable orientation will occur during the colli- 
sion enters into the more advanced rate theory. A low value of steric factor 
P is observed due to orientation effect. 

2. A high P factor is observed for the reactions having abnormally high 
rates. Such reactions generally proceed by a chain mechanism. 

3. The activation energy is very likely to be distributed among several 
bonds in the transition state. Thus the value of P factor is greater because 
of a greater fraction of activated molecules. 


4. The collision theory cannot be applied to a reaction occurring at the 
catalytic surface. 


Unimolecular Reaction and the Collision Theory 


The collision theory satisfactorily explains the mechanism of bimolecular 
reactions, but apparently fails with unimolecular reactions, However, а 
number of gaseous reactions have been studied which exhibited the first 
order kinetics. It is assumed that the activation of molecules in a thermal 
reaction takes place through collision, and the rate of reaction should 
depend on the collision frequency. Such types of reaction should be biomo- 


lecular and should follow the second order kinetics. Then how does a bimo- 
lecular reaction follow first order kinetics? 
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In 1922 Lindemann proposed a hypothesis which offers a satisfactory 
solution to the problem. According to him, the reactant molecules acquire 
activation energy by collision with one another. The activated molecules do 
not decompose immediately, but move around in the activated form fora 
while. Thus, there is time lag between activation and decomposition. The 
deactivation of the molecule takes place as а result. of collision with less 
energetic molecules. 

The processes of activation and deactivation may be formulated as 
follows: 


ky 
A+A>A+A* 


Rate of activation, А) = К[А2] 
ka 
A* + A> 2А 

Rate of deactivation, — чат = k[A*][A] 

ks 

A* — Products 
* 

Rate of decomposition, — A = k3[A*] 


where A is anormal molecule, and A* is an activated molecule. The rate of 
reaction A is represented by the equation: 
d[P] 


mM k3[A*] (4.21) 


As the concentration of activated molecules is very small at any time during 

the process, the rate of their formation equals the rate of their disappear- 

ance establishing a steady stateconcentration of the activated molecules. 
Thus 


d[A*] - 
dom eh 
and ЧА") — AT — Io[ATA*] — lelA*] = 0 
ААР 
ры Ате КА] + ks 
substituting the [A*] in Eq. (4.21), we get, 
d[P] _ ААР 


dr ЮА + k е) 


We are confronted now with two special cases. 


Case I 
When АА] > Ks, i.e. when the rate of deactivation is very very large as 
compared to the rate of decomposition, the rate is given by: 
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diP]  kik 


= ЈАТ 4.23 
dt k2 [A] = TA] ( ) 
This expression obeys first order kinetics. 


Case II 
If k3 > ХА], i.e. if the rate of decomposition is greater than the rate of 
deactivation, Eq. (4.22) becomes: 
арр] does) 2 
dr ^ ЕТА] 
Here the reaction is of second order. 


pressure decreases appreciably. This may be tested further. 
It is convenient to define a Parameter k’ by the relation 


iate I. d[A] 
IUD d 
In terms of к, Eq. (4.22) becomes 
‚ — _kiks[A] 
Эя 
At high pressures (deactivation being prominent), 
ЮА] > ks 
Hence, К = зо = constant 
But at low Pressures, ЮА] < ka, 
апа 
К' = КА] 


SECOND ORDER 


Р, /torr 


Fig. 4, i 
19. 4.4 Plot of K' y, Pi for decomposition of azomethane 


Theories for Rate of Reactions 73 


k' v. Pi (the initial pressure) is plotted for the decomposition of azomethane 
at 330°C, namely 
(CH3)2N2 — C2H6 + № 

As expected at higher pressures (Pi), the curve is horizontal with the pre- 
ssure axis where the reaction is first order, and at low pressures it increases 
linearly with P; where the reaction is second order. In between the rate isa 
combination of first and second order. Thus the Lindemann hypothesis 
provides a satisfactory explanation for many unimolecular reactions. 


The Transition State Theory: Absolute Reaction Rate Theory 


The absolute reaction rate theory represents an alternative modern approach 
to the collision theory to explain the mechanism of a reaction. This modern 
theory was first outlined by Marcellin (1915) and then developed by H Eyring 
and M Polanyi (1935). The fundamental postulate of the theory is that (1) 
the reacting molecules must form an activated complex before being con- 
verted to products, and (2) there exists an equilibrium between the activat- 
ed complex and the reactants. The transition state theory is better explained 
by considering a reaction energy diagram which pictorially presents the 
energies of a reaction. The reaction between CO» and NO2 may be repre- 


sented as: 


CO; + МО > [0 = C...0... N = O0] CO» + NO 
АН = —54 kcal/mol 


Reactants Activated complex Product 


O=C...0..N=0 
ACTIVATED COMPLEX 


—-——---—— 
ACTIVATION 
ENERGY 


NET ENERGY 
RELEASED 


Potential Energy (kcal/mol) 


CO? + NO 


Reaction Path 


Fig. 4.5 Reaction energy diagram 


The conversion of reactants to products is through the formation of a tran- 
sition state or activated complex. 

The activated complex is a molecule in the process of breaking or form- 
ing bonds. In the activated complex the atoms are linked together with 
loose valence bonds. It is not stable because it exists at the top of the 
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potential energy barrier. In any case, it is treated formally as a definite 
molecule with an independent entity. 


The bimolecular reaction between a molecule of A and one of B can be 
written as: 


A + В = AB* — Products 
Reactants Activated 

complex or 

transition 

state 


The rate of the reaction is equal to the concentration of the activated 


complex and the frequency of the decomposition of activated complex. 
Thus 


Rate = [activated complex] х Frequency of decomposition of 
activated complex 


dt complex) (4.24) 
The two terms appearing in Eq. (4.24) have been determined as follows. 
Concentration of Activated Complex 


Frequency of decomposition of activated 
or А [AB* 1: Ce eek! P 


If [A], [B] and [AB*] represent the concentration of A, B and AB* at 


time t, then equilibrium constant K* for the formation of the activated 
complex may be written as 


4 .. ГАВ] 


АТВ] 
[AB*] = K* [A][B] 
Frequency of the Decomposition of Activated Complex 


or 


The activated complex must have one of its vibrational degrees of freedom 
which would be quite unstable. If Ej be the vibrational energy which 


causes the rupture of the bond, then according to the Planck's quantum 
theory 


Evip = hv (4.26) 


This vibration is responsible for disrupting the complex into the product. 
The vibration islarge enough in amplitude to decompose the complex. The 


frequency of such vibrations will be low and the average energy Evi» will be 
of the order of classical vibrational energy, kT. Thus 


Ель = kT 
where k is the Boltzmann constant. 
Equating Eq. (4.26) and (4.27), we get 


(4.27) 


ћу = kT 


: kT 
qa m (4.28) 


——-- 


— = а 


Theories for Rate of Reactions 75 


Thus the frequency (v) would determine the rate at which the activated com- 
plex gets converted into product. From Eqs (4.25) and (4.28), the reaction 


rate is 
ФА] | & 3 
== K* [A][BI- 7- (4.29) 


If k is the velocity constant of the reaction, the experimentally obtained 
rate law 


ары КЇАТВ] (4.30) 


Comparing Eq. (4.29) with Eq. (4.30) 


d[A]} 
t 


MAJ] = ке [AJIB] “T 


kT 
or Ke Kae (4.31) 


Expression (4.31), which is true not only for two reactants but for any 
reaction, is the general expression given by absolute reaction rate theory. 
This equation is not directly useful since K* cannot be measured experime- 
ntally. 

The equilibrium constant K* can be expressed in thermodynamic terms. 
Thus 


48% = —RT In K^ = АН — Т AS* 
AG* 
RT 
or K* = exp(—4G*/RT) 
= [exp—(4H* — TAS*)/RT] 
= exp(—4H*/RT) exp(4S*/R) (4.32) 
The quantities 4G”, AH* and AS* are called free energy, standard enthalpy 


and standard entropy corresponding to a gram molecule. Substituting the 
value of K* from Eq. (4.32) to Eq. (4.31) 


In K^ = — 


pe ME exp (4S“/R) exp(—4H*/RT) (4.33) 


Equation (4.33) is the fundamental relation of the transition state theory. 
Arrhenius Equation and the Activated Complex Theory 
From Eq. (4.31) 


or In k = In *) + In T + In К 


1 
55 Wm mas dm (4.34) 
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The Arrhenius equation is 


k = Ае-ЕВТ 
2 
1 = a 
nk —1nA RT 
dink E 
dt = Rr (4.35) 


Equating Eqs. (4.34) and (4.35) 


Е _ ш 
ЕТ? т dT 
d In К^ 
= а RT? Gn NT. 
oL PAS RE RIT 
= RT + AE* 
М dinK^ _ AE* З 
where dT RT? (van’t Hoff Isochore) 
and, 4E* = heat change at constant volume. 
ls E = RT + AH* —An- RT(An = Change in the number 
of molecules in complex 
formation) 


E == AH* — RT(4n — 1) 
or 4H* = —E — RT(4n — 1) (4.36) 
Substituting Eq. (4.36) in Eq. (4.33), we get, 


k= ET exp(dS“/R)-e-FIR? (ant) 


i.e., k = [eur Т) Cmts (4.37) 
which on comparing with Arrhenius equation, we find the frequency factor: 
A = etn EP. xniase/p) 
In Eq. (4.37), for a unimolecular reaction (4n == 0), 
Е = е. (C) (AS*|R)-e-EIRT 
for a bimolecular reaction (4n = — 1) 
k =e (E). (AS*/R) е-Е!ЕТ 


For reactions in solution, whether unimolecular or bimolecules, 4n сы 0 or 
negligible. But for a bimolecular gaseous reaction, 4n = — 1, 
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Comparison with Collision Theory 
In the collision theory, the frequency factor A is proportional to Z, i.e. 
k = pZe-EIRT 


In transition state theory, the frequency factor 4 has a different meaning. 
It is a measure of entropy of activation. Taking the logarithm of Eq. (4.37) 


Ink=- + та [аз їп = an »] 


h 


Since 4S* is independent of temperature and In T is negligible in compari- 
son to E/RT, a plot of In k v. 1/T would be linear. 


Entropy of Activation 


If the experimentally found values of the rate constant and the activation 
energy are known, the value of entropy of activation can be calculated 
from Eq. (4.37). The experimental 45* provides one of the best indications 
of the nature of the transition state. 

If the entropy of activation 4S* is positive, the activated complex is 
more disordered in comparison with the basic state. This occurs in the 
unimolecular gas reaction. If the entropy of activation is negative, the for- 
mation of an activated complex is connected with ordering of the structure. 
Reactants are initially free to move to each other and this freedom is lost 
as they react to form the activated complex. Thus the entropy of activation 
decreases. 

There are quite disparate causes of 4S* being positive or negative and 
of some particular magnitude. Let us consider a first order gas phase 
unimolecular reaction in which the entropy of activation is due to intra- 
molecular atomic reorganization as molecules of reactant are transformed 
into molecules of activated complex.The reaction is 


C2He—2CH3 


The preexponential factor (A) for the dissociation of ethane into methyl 
radicals is high (16.7) and corresponds to 2535 к = 58 J K^! mol-!. There 
can be no gain in translational entropy as the activated complex is still a 
single molecular species. From the consideration of enthalpy of activation, 
is found that the two methyl fragments are only weakly bonded together at 
the transition state. Hence, some molecular vibrations of the activated com- 
plex have low force constants corresponding to shallow potential energy 
curves with closely spaced quantum energy levels. Fig. 4.6 illustrates this 
for a general reaction X2 — 2X. A is the potential energy curve for some 
molecular vibration of the X2 molecule which transforms into a vibration 
of the activated complex represented by the shallower potential energy 
curve B. Since the quantum states of curve B are closer, together than those 
of A, there will be greater population of the higher states of vibration B 
than of the higher states of vibration A at a given temperature. Vibration 
B has, therefore, a higher entropy than vibration A and consequently the 
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activated complex has a higher entropy of activation than the reactant. 
Denaturation of some proteins are associated with large. positive entropies 
of activation. 


'Molecular Potential Energy 


Reaction Path 


Fig. 4.6 Potential energy profile for the dissociation 
of unimolecular reaction with a positive 
energy of activation 


Let us consider another gas phase reaction 


Iso-prophenyl allyl ether Allyl acetone 
where the preexponential factor is low and corresponds to 4Si42x = — 32 
J K~. A proposed mechanism involves a cyclic activated complex as shown 
below. 


CHa CH; o 
OE ep itni Dra oe 
fo AN за ао emos |, sd 
CH N сн; ‘ÇH CH2 ute 
CH2 А CH зені 
2 


Such a reaction is illustrated in Fig. 4.6 and the potential energy curve super- 
imposed upon the vibration of the reactant in the reaction path is for a 
single molecular vibration with a low force constant which transforms into 
the stiffer vibration of the activated complex. ; 

The reactant, being acyclic, has enormous confirmational freedom. In 
other words, many internal rotations and floppy vibration in the reactant with 
closely spaced energy levels and low force constants are replaced by stiffer 
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Molecular Potential Energy 


Reaction Path 


Fig. 4.7 Potential energy profile for an isomerization with 
a negative entropy of activation 


vibrational energy levels and low force constants and more widely spaced 
levels in the activated complex. 

In a bimolecular reaction an activated complex is formed from two 
reactant molecules, so three translational and up to three rotational degrees 
of freedom are replaced by vibration. It is known that 


S(trans) > S(rot) > S(vib) 
Hence, the bimolecular reaction will be accompanied by a substantial nega- 


tive entropy of activation. 


WORKED EXAMPLES 


Example 4.1 A second order reaction 2HI(g) = Ho(g) + I(g) is studied 
over a range of temperatures. The results obtained are given below: 


Temp.|K 633 666 697 715 781 
Rate constant, kl mol s? 1.78 10% 1.07x10-* 5.01х10-* 1.05x107 1.51 10-8 


(a) Use the data given to determine the activation energy, Ea, for the 


reaction. 

(b) Determine by what factor the rate increases when the temperature 
rises from 300 K to 310 K. 

(c) Calculate the kinetic energies of a fixed mass ofa gas at 310K and 


300 K. 
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Solution 
(a) 
тк. ШТ х10° k[1 molt 5-1 log k 
633 1.58 1.78x 10-5 —4.75 
666 1.50 1.07 х10-* — 3.97 
697 1.43 5.01 x 107* 233130 
715 1.40 1.05 х 107? — 2.98 
781 1.28 1.51 х 107? — 1.82 
-1.0 


Ta 
5 
e -3.0 
5 
x 
о 
© 

-40 

-50 

12 13 14 15 16 
103/T 


Fig. 4.8 Plot of log К v. 10°/T 


f E 1 
5 варана 
іпсе log k zxxorg(r) + 024 
slope of the graph — — Io pe 
2.303 R 
But the slope —4.00 


(1.61 — 1.20) x 103 K~! = —9.76 x10 К 
E = —2.303 Rxslope 


= —2.3%8.31 J K^! mol x —9.76 x 103 K 
= 1.86: 105 J mol! 
= 186 kJ mol! 


(b) Writing kı and k2 for the rate constants at 300 К and 310 К 
respectively: 


Ka. E 1 1 
Beg т=н = — уз aln) K 300 z) 
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—186 х 1000 J mol"! 


230x831 JK mor — 0973 
Ка. m ^ 
u antilog of 0.973 
= 9.4 
(c) kinetic energy at 310 K 310 K X const. 
kinetic energy at 300 K 300 К X const. 1:03 


Example 4.2 The rate constants ofa reaction are 1.6X 107° and 1.625x 
10-2 5-1 at 10°C and 30°C respectively. Calculate the activation energy. 


Solution 
fog E за: (doe 
k2 2.303 R\T2 T» 
Since kı = 1625x10? at Т = 303 К 
=1.6X103 at Т = 283K 


| 


= 
S 
| 


we have, 


log 176001055 — 2.303 х 1.987\283 — 303 
E 2.303 x 1.987 х 283 x 303 х 1.0067 
a 
20 
= 19.5 kcal mol! 

Example 4.3 Calculate 4G* for a dimerization reaction at 326°C having 
k = 1.421072 1 mol"! s^! 
Solution From Eq. (4.31), we know that 


k= ХТ exp ( — 4G#/RT) 


1.625x 10-2 Ea 1 1 ) 


Substituting the data in the above reaction we get 


* m 1.38x 1072 J K^! x599 К 
1.42 1072 1 mol! s^! = 6.626 x 10755 Js 


exp (—4G*/RT) 


exp(—4G*/RT) = 1.138 X 10715 
AG# = 171 kJ mol"! 


PROBLEMS 


1. The reaction СНС! «= CH4 + HCI is studied over a range of temperatures. A 


series of typical results is given below: 


440 450 460 470 480 


Тетр.?С 410 420 430 
4.61 7.80 13.0 


10* k/s- 0.264 0.483 0.0868 1.540 2.685 


Calculate the value of Ёл. 
(Ans. 339 kJ то?) 
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2. The reaction of hexaaquochromium ion (Ш) and thiocyanate ion to form a comp- 
lex ion, 
Cr(OH,),*? + SCN- > Cr(OH;); NCS#? + H,O 
is governed by the rate law 
rate = [Cr(OH.)¢ ?][SCN-] 
The value of k is 2.0х 107* 1 mol s^! at 14°C and 2.2 х 10-5 1 mol-! 5-1 at 30°C. 
What is the value of E, ? (R = 1.99 cal/mol-deg) 
(Ans. 26 kcal/mol) 
3. For the first order reaction 
2Nz0,(g) > 4 №, (в) + Ox(g) 
A is 4.3x 10" 571 and E, is 103.35 kJ. 
What is k at 300 К? 


(Ans. k = 4.329 x 10-5 5-1) 
4. Calculate the energy of activation (EĻ) of a reaction at 295 K as the assumption 
that a 10 degree rise in temperature causes the reaction rate to double. 


(Ans. 12.485 kcal/mol) 
5. Applying collision theory, estimate the rate of reaction 


2 HI(g) > H,(g) + I.(g) 
at 500°C from the following data 
[HI] = 1.0 mol 1-5 Z = 7.1x10* mol 1715-1 
E, = 4.5 х10* cal mol-}, 


(Ans. 110 mol 17! hr-?) 
6. The equilibrium constant for the reaction 


A+B>C+D 


at 25°C is 2.0x 10719, What is the standard free energy change for this reaction? 


(Ans. 14 kcal) 
7. The equilibrium constant for the reaction 


2HI(g) < Hs(g) + I,(g) 
is 2.18x 107* at 764 K and is 1.64x 10-2 at. 667 К. Find АН for the reaction. 


(Ans. 3000 cal) 
8. The frequency factor for a unimolecular gas reaction occurring at 473 К is 2.5 x 
10!* 5-1, 
Calculate entropy of activation. 


(Ans. —0.572 ЈК-1) 
9. The Arrhenius equation for a unimolecular reaction at 298 K is 


k[s-* = (4.98 x 1018) exp (—205.85 kJ/RT) 
What аге the values of E, and 45%? 
(Ans. Е, = 205.85 kJ; 4$# = 112.99 J К-1 mol-1j 
10. Consider the unimolecular reaction 


Cyclopropane > Propylene 


The value of log A for high pressure limit at 15.17. 
Calculate the value of 4S# for the reaction. 
(Ans. 37.13 J K-!mol-!) 
11. The entropy of activation observed for a reaction at 300 K is 8 J K- mol-}, 
Calculate the frequency factor and also the rate constant at 300 K if activation 
energy is 170 kJ то!-!. 
(Ans, A = 446x10? 5-1; k = 1.11 x 107? mo]-t cc-1 5-1) 
12. The rate constant for a certain unimolecular reaction is 2.5 х 10-2 5-1 at 500°C. If 


—- com ee nr 5 


15. 


16. 


17; 
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the activation energy is 68 kJ mol, calculate the entropy of activation at this 
temperature. 
(Ans. —197.97 J K- mol!) 


. Lindemann mechanism for the first order reaction is given below: 


k, 
A+A eat +A (in rapid equilibrium) 

1 

ks 
A* — products (slow) 

Show that it leads to 
d[Product] — ААА]? 
dt © ЕА] + ke 


Under what conditions will the order of the reaction be equal to one? 


. Estimate the P factor for the following reaction at 628 K 


Ha + С:Н, > С.Н, 
Given that the pre-exponential factor is 1.24 х 10° litre mol-* 5-1, Use c(H;) = 0.27 
nm? and c(C,H4) = 0.64 nm? to estimate P factor. 
Calculate 4G#, 4H* and AS* for the reaction 
Н, + CH, > CH, 
using the following values t 
A = 7.3X 10" mol 17! s? and E, = 180 kJ mol. 
(Ans. AG* + 286 kJ mol; AH* =.+ 170 kJ mol- 
AS* = —184 JK-! mol) 
For the reaction, 
С,НЫ! + OH- -> C,H;OH + I7 
k = 5.03x 107? M7! s~! at 289 К and, 
с = 6.71 M^! 5-1 at 33 К. What is the activation energy of the reaction? What is 
its rate constant at 305 K? 
(dns. E, = 21.2 kcal; ką = 0.35 M~ 5-1) 
Calculate the rate of reaction, frequency factor and rate constant at 700 K and 1 
atm for the decomposition of hydrogen iodide if its collision diameter is assumed 
to 0.35 nm. The activation energy is 184 kJ molt. 
(Ans. А = 1.39х 101? dm mol-! 5-5; k = 2.58 х10-* 1 mol?! 5-1) 


FIVE 


Reaction Mechanism 


The study of chemical kinetics is one of the principal methods for discover- 
ing the mechanism of a reaction. The mechanism of a reaction tells us the 
precise position of the atoms as a function of time, in the reactant mole- 
cules, as they are converted into products. In other words, it refers to the 
step or series of steps by which the initial reactants interact in the process 
of forming the products. 

It is now generally known that most chemical reactions take place by a 
sequence of steps rather than. by a single step. Each one of the steps is 
called an elementary process. The slowest elementary process in a sequence 
is called the rate-determining step. After characterising the product(s), the 
mechanism ofa reaction is determined by considering all the possibilities 
that are consistent with the experimental observations. 

Let us examine a few simple reactions. 


5.1 REACTIONS WHERE FIRST STEP IS THE RATE- 
DETERMINING ONE 


Reaction between NO» and F2 


2NO» + F2 > 2NO2F (5.1) 


The stoichiometric equation shows that the reaction between NO» and F2 
may be third order, but experimental data indicate that the reaction is 
actually of second order, first order in NO» and first order in F2. The most 
likely mechanism for the reaction is: 


k 

Step 1: МО» + Fz -> МОЈЕ + F (slow) 
ky 

Step 2: Е + NO» > NOF (fast) 


The first step is slow and is the rate-determining step. Therefore, the rate 
law is second order and can be written as: 


Rate = АМОР] (5.2) 


Using steady-state approximation for the reaction in Eq. (5.1), the same 
rate law can be determined. Here F is the intermediate. Writing the diffe- 
rential equation and equating it to zero: 
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ЧЕ] L rNosILEZ] — JaLFIINOS] 
=0 (5.3) 
[F] = EJ (5.4) 
The rate of disappearance of NO» is given by 
— МОЈ розе: + [FIINOSI (5.5) 


Substituting [F] from Eq. (5.4) to Eq. (5.5), ме get 
-ANOA мока] + avos (to) 
dt k2 

= 2ki[NO2][F2] 

_1 МОЛ 

Ss 2 dt 
The various steps of the reaction written above show the agreement of the 

mechanism with the stoichiometry of the reaction and explain the discre- 

pancy of the molecularity with the order of reaction. 


= ki[NO2I[F2] (5.6) 


Decomposition of Ozone 


As another example, we select the decomposition of ozone; a gaseous 
reaction 
203 — 302 (5.7) 


The observed first order differential rate law was found to be 
— 1/2802) коз] (5.8) 


The rate law in Eq. (5.8) indicates that the above reaction is not a single 
step reaction and one molecule of ozone is involved in the rate-determining 
step. The following mechanism was proposed. 


k 
Step 1: 03> 02 + 0 (slow) 
ka 
Step 2: O + Оз — 202 (fast) 
Thus the suggested mechanism leads to the observed rate law 
ai d[Os]. = 
1/2 =y = КОЗ] 


The same rate law is also obtained using steady-state approximation. Here 
the reactive intermediate is oxygen atom and applying the steady-state 
approximation to oxygen atom, we get 


101 = О = А[03] — А0105] 
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or to] = 2 (5.9) 
The rate of disappearance of Оз is given by 
— 203] — коз] + ОЗО]. (5.10) 
substituting [О] from Ед. (5.9) to Eq. (5. S we obtain, 
-T = кол + Žo] 
= 2ki[O3] 
or = 12031 = моу 


which is identical to the observed rate law. 


Reaction between NO2 and CO at Low Temperature 
The reaction between CO and NO: at lower temperatures 


NO» + CO > NO + CO; 
follows the rate law 


ANO = МОЛ? (5.11) 


The rate expression in Eq. i 11) shows that the concentration of CO is not 
involved in the rate-determining step. The mechanism is given by: 


Step 1: NO» + NO? à NO; + NO (slow) 
k 
Step 2: NO; + CO + NO: + CO; (fast) 
As the first step is slow and the rate determining one, hence, 
LUNON og 
t 

Applying the steady-state approximation to NOs, we get 

О — o = ItNOJINOJ] — ымозсо] 
or Ki[NO2P. = k2|NOs][CO] (5.12) 
The overall rate of disappearance of NO» is given by 

.. d[NO:] 


melee 2ki[NO2? — kaLNO3][CO] 
Making use of Eq. (5.12), we obtain 
- Nee = 2ki[NO2}? — fa[NO2P 


= КМО] 
Thus the rate is independent of carbon monoxide concentration. 


ee -ie 
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5.2 REACTIONS WHERE THE FIRST STEP OF THE MECHANISM 
IS A FAST EQUILIBRIUM WHICH PRODUCES AN 
INTERMEDIATE AND THE LATER THUS REACTS 
SLOWLY IN THE RATE-DETERMINING STEP 


The following reactions are the examples where the first step is a fast 
equilibrium reaction followed by a rate-determining step. 


Ammonium Cyanate-Urea Reaction 


The reaction of ammonium ion and cyanate ion in aqueous solution is 


NH? + OCN- — OC(NH2)2 
* Urea 


The rate law is 


еа] иын о CN-1 EXE 


The postulated mechanism consistent with the rate law is 
ky 
Step 1: NH? + OCN- = NH4OCN (fast, at equilibrium) 
та 
Activated 
complex 


k. 
Step 2: МНО CN > OC(NH3)2 (slow) 
The second step being the rate-determining one, we have 


леа]. мн, CN] (5.14) 


From the fast equilibrium reaction, we have 


Ia[NH£OCN-] = k-1[NHsOCN] 


K ki [NH4OCNI 
«ki. (NHFILOCN-] 
and [NH4OCN] = K«[NHi OCN-] 
Thus Eq. (5.14) becomes 
d[Ur : 
SIE] кун ОСМ! 


= kKINH#][OCN7] 
which is the experimentally observed rate law. 
Nitric Oxide-Oxygen Reaction 


The reaction between nitric oxide and oxygen 
2NO2 + O2 — 2NO2 
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follows the rate law 
__d[O2] 


qp k[NO2}[O2] (5.15) 
Two possible mechanisms, both consistent with the rate law have been 
suggested 

12 = } 

Step 1: NO + NO = №0 (fast, at equilibrium) 
v-1 
ky 

Step 2: N20» + O2 > 2NO2 (slow) 


If the second step is the rate-determining step, the rate of reaction is given 
by 


-TOA — кмс] (5.16) 
From step 1, which is fast at equilibrium 
Keg = KL 02] 
EE [NO] 
or [N202] = KeqlNO}? 
Hence the rate equation in Eq. (5.16) becomes 
-TA — iK [NOPIOJI 
= ИМОРВ[О:] 
where К = ka Ka 


The experimentally observed fact that the reaction rate decreases with an 
increase in temperature can be explained. From the rate equation it can be 
seen that the constant k consists of two constants k2 and Keq. k2 increases 
with temperature. However Keq decreases appreciably with rise in tempera- 
ture as the reaction is exothermic in nature. Thus the value of the product 
k2Keq becomes less with increase of temperature. 


2. An alternative mechanism which also gives a rate equ 


ation consistent 
with the rate law is 


kı 
Step 1: NO + O» = ООМО (fast, at equilibrium) 
-i 
ky 
Step 2: NO + ООМО — 2NO; (slow) (5.17) 
Since the second step is slow, the overall rate of reaction will be given by 
-10 _ LiNOOONOI (5.18) 
From step | 
[OONO] = K[NOJ[O»] 


Hence 


-Wa = камоол 


= МО Оз] 


Hydrogen-Iodine Reaction 
The reaction between H»(g) and In(g) 

H»(g) + Ix(g) = 2HI(g) 
follows the rate law 


uH 


1/2 —— = КЊ] 


The postulated mechanism is 
kı 
Step 1: I = 21 
р ^m 
ka 
Step 2: H2 + 2I — 2HI 
Step 2 being a rate-determining step, we have 


2m 


1/2 === = kx Hart? 


From the equilibrium step 1, we get 

A _ UP 
Ке [О 
ог LIP = Кеа 12] 
Hence Eq. (5.20) becomes 
ани 


Keq = 


1/2 —— = k2Keql Hz]LI2] 


= КЇ[Нә][12] 
which is the required rate law. 


Decomposition of Ozone 
Let us consider the gas reaction 
203 — 302 
It would follow the experimental rate law 
— dOs] _ klO]? 


dra МОЛ 
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(5.19) 


(fast, at equilibrium) 


(slow) 


(5.20) 


With this information, the most likely mechanism for the reaction aS 


ky 
Оз = О + О 


1 


Step 1: 


(fast, at equilibrium) 
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[2 
Step 2: О + Оз —> 20; . (slow) 
Step 2 is the slower, rate-determining step and accordingly, the reaction rate 
— 103) _ ооз] (5.21) 
dt 
From equilibrium step 1 
= y, 103] 
атар 
k 
where Ка = m 
Hence Eq. (5.21) becomes 
Зао] _ [Оз]. 
nie k2Keq tos [Оз] 
[O3? 
= Кол 


Thus the suggested mechanism leads to the observed rate law. 


5.3 REACTIONS INVOLVING MORE THAN TWO ELEMENTARY 
PROCESSES WITH AT LEAST ONE SLOW STEP 


Let us consider some reaction where more than two elementary processes 
are involved in the mechanism with at least one slow step. 


The Mechanism of Acid Hydrolysis of Methyl Acetate 
The acid hydrolysis of methyl acetate takes place as 


H* 
CH3COOCH: + H20 = СНзСООН + СНОН 
The possible rate expression is 


— SICHICOOCHSI = k[CH:COOCHSILH*]ILH;O] (5.22) 


The hydrolysis involves water, but because its concentration in the reac- 
tion mixture is quite large, the variation of the rate of reaction with change 
in water concentrations cannot be detected. Thus the rate of reaction for 
the acid hydrolysis of methyl acetate depends linearly on the [CHXCOOCH;] 
and [H*] and was found to be first order, with the first order rate constant 
equal to k[H*]. The experimental rate expression is 


d(CH:COOCH 
= 1снњсоосн = K{CH3COOCHGILH*] (5.23) 


The following mechanism, consistent with 


the rate expression, has been 
proposed. 


—— 9 
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(0) о 
li EN keq Il E 
Stepi: > CH;—C—:0: + H* — CH3:—C—O+*—H (fast, at equilibrium) 


CH3 CH3 
О о- 
I k, l | 
Step 2: CH;—C—Ot—H + H20 > CH3;—C——0*—H (slow) 
| 
H30* СНз 
(Intermediate) 
On 5 
Ы 2 L4 T [9] 
ys ks il 
Step 3: CH3—C—O*—H 5 CH;—C—OH; + CHOH (slow) 
E 
H2 [6] * CH3 


(Intermediate) 


Ja. us. k 
Step 4: Снз—С—ОН» > СНСООН + Н+ (fast) 
The rate of the formation of products is equal to the rate of the third, slow 
step. 
d[Products] _ 
dt = 
From equilibrium step 1 


k3 [Intermediate] (5.24) 


о 
ll 
еа Wie 


stint йгъ Merit. 
“4 “~ [CH:COOCHjI[H*] 
Г ? ] 
or CH,—C—Ó—H | = K4[CH:COOCHsI[H*] 
iB СНз J 
Applying steady-state approximation to [Intermediate] 
Г о ] 
; + 
d кес E we сњ-с-0—н [ERO] — ks 
L CH; | 
[Intermediate] 
f О 4 
k2 [« + 
ог [Intermediate] = p» is out: D [H20] 
[2 СНз | 


ы 7 Keel CHsCOOCHSI(H*[H20] 
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Substituting the [Intermediate] in Eq. (5.24), we get 
d : 
роо] _ (e Кано] снсоосњн+] 
= K[CHsCOOCHj][H*] 
which has the same form as Eq. (5.23). 


Hypochloride-Iodide Reaction 


Mechanism 1 
For the reaction, 


OH- 
I + OC- —> oF + СГ 
the rate expression was found to be 
. di] _ [hoc] 
dqh = XOR ез) 
which suggests that the rate of reaction is inhibited in the presence of OH- 
ions. This also suggests the existence of an elementary step involving 


hydroxy ion besides the rate-determining step involving I~ and О СІ-. Thus 
a suitable mechanism would be 


Step 1: OCI- 4- њо £ НОС! + OH- (fast, at equilibrium) 
Step 2: I--F HOC! E: НОГЕ CIF (slow) 
Step 3: OH- + HOI £ H20 + OI- (fast) 
-a 
The rate of reaction is equal to the rate of the second, slow step. 
=] ый-їноси (5.26) 


If Kea is the equilibrium constant for step 1 
Kea = Ai | [HOCI][OH"] 
"^ ka | [OCF][E20] 


or [HOCI] — = Oe 
Substituting [HOCI] in Eq. (5.26), we obtain 
d[I- Б 
=. [oci] 
[OR] 
where k = оК [НО] 
which is exactly the same as Eq. (5.25). 


Reaction Mechanism 93 


In a similar way it can be shown that mechanism 2 produces a rate ex- 
pression similar to Eq. (5.25). 


Mechanism 2 


k 

Step 1: OCI- + њо = HOCI + OH- (fast, at equilibrium) 
ks 

Step 2: I- + HOCI > ICI + OH- (slow) 
k 

Step 3: ICI + 20H- > OF + CH + НЊО (fast) 


The same rate expression as in Eq. (5.25) can be derived using mechanism 
2. Since the observed rate expression cannot distinguish between these two 
mechanisms it is necessary to look for other evidences. 


The Reaction of Acetone with Iodine 


If a dilute solution of iodine in acidic aqueous acetone is allowed to stand, 
monoiodoethane is formed. The reaction is represented by 
Ht 
CH3COCHa(aq) -+ 1(а4) ^ CH3COCH?l(aq) + 1-(ад) 
The overall order of the reaction is two and a possible rate expression is 
.dib] _ 


тт k| H*]|CH3COCH:;] (5.27) 
A mechanism consistent with the rate law is 
о +OH 
ll ky ll 
Step 1: CH3—C—CH3 + Н+ = H3C—C—CH3 (rapid, at 
Ea equilibrium) 
*OH OH 
1 Ks | 
Step 2: || CHyi—C—CHs > H2C=C—CH3 + H* (slow) 
OH о 
| ks ll 
Step 3: H2C—C—CH3 + D > CH2I—C CH; + HI (fast) 


In this mechanism the rate-determining step 2 does not involve iodine, in 
agreement with the experiment. 


Reaction between CO and Clo to form Phosgene 
сь + СО > ССО 


has a rate expression 
СІ 
асос = СОСЫ? (5.28) 
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The possible mechanism consistent with the rate law is 


k 
Step I: Ch = 2С1 (fast, at equilibrium) 
va 
ky 
Step 2: Cl + CO = СОС! (fast, at equilibrium) 
-2 
Кз 
Step 3: COCI + Cl; > СОС!» + CI (slow) 
Step 3, being the rate-determining step, gives the rate law 
dcoch _ сосцсы (5.29) 
But, since the step 1 and step 2 are fast at equilibrium, we may write: 
kı _ [cr 
ko {СЫ (5:30) 
k | [COCI] 
ka [CICO 6.31) 
аг [cocy = ®їсїїсо] 
(еоди? 
= (сп) tco (5.32) 


Substituting [СО Cl] in Eq. (5.29), we get: 


асосі kof k 1/2 : 
[ з d - (E teu) ЇСО][С1»] 
КзКоК\? 
£ “aR - LCOY CH 


= k[CO][Ch]2 (5.33) 
_ .КзКоК\? 
k= eR 
Expression (5.33) shows that the Proposed mechanism is consistent with the 
rate law. 


where 


5.4 REACTIONS WHERE ALL THE STEPS HAVE 
COMPARABLE RATES 


However, another simplifying assumption may provide us with a simple 
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tool to obtain a rate expression from the mechanism. This is Bodenstein 
steady (or stationary) state approximation. The assumption involved in 
steady state hypothesis is that the concentrations of very reactive inter- 
mediates remain very low and effectively remain constant compared with the 
reactant concentration. The following steps are used to calculate the rate 
laws in terms of stable species. 


1. The highly reactive species are first selected in the mechanism. 

2. The differential rate laws are thus written down for the highly reactive 
intermediates. 

3. The change in the concentrations of the intermediates with time is 
assumed to be zero. Therefore, the differential rate laws of reactive inter- 
mediates are put equal to zero and concentrations of reactive species are 
calculated in terms of the stable species. 

4. Steady-state concentration of the intermediate, calculated in step 3, is 
substituted in the required expression to get the experimental rate law. 

The steady-state approximation can be successfully applied to the thermal 
decomposition of N2Os where all the steps proposed in the mechanism have 
comparable rates. 


The Thermal Decomposition of Nitrogen Pentoxide 

The decomposition of dinitrogen pentoxide is a first order gas reaction. 
2N20s > 4NO2 + O2 

which has the rate law 


d[O2] 
dt 
Ogg (1947) proposed the following mechanism which is consistent with the 
known experimental facts. 


= k[N20s] 


k 
Step 1: N205 = NO» + №; 
v-1 
ks 
Step 2: NO» + NO; > NO» + O2 + NO 


ka 
NO + NO; > 2NO2 


NO; and NO molecules are reactive intermediates having small concentra- 
tions. Their concentrations can be calculated by steady-state approximations. 


anos = О = ki[N205] — k-1[NO>2][NO3] 
—k2[NOs][NO2] — ks[NOs][NO] 
" bog às 4 kilN20s] 


k-ilNO2] + ҸО: F JG[NO] (5.34) 
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and 


2 = O = МОМО] — момо] 


[NO] — мол (5.35) 


Substituting the [NO] in Eq. (5.34), we get 


kilN20s] 
(k-1 + 2k2)[NO2] 


Now, the reaction rate is given by the rate of production of oxygen, hence 


[NO3] = 


291 — i NO;INOJ (5.36) 
Substituting [NOs] in Eq. (5.36), we get 
a và ier FNO (NOH 
E тамсы = K{N20s] (5.37) 
where К = lakalka + 2k 


Equation (5.37) is of the same form as the experimental rate law. It must 
be emphasized that the direct proof of the existence of an intermediate is 
not very common. Spectroscopic studies and also the use of radioactive 
tracers can sometimes provide direct proof. Since intermediates are very 
unstable, ordinary analytical techniques cannot be applied for their detection, 


5.5 GENERAL MECHANISM APPLICABLE TO THERMAL 
DECOMPOSITIONS AND ISOMERISATIONS 


Many reactions, which include thermal decomposition and isomerisation 
follow simple kinetic laws and proceed by the following mechanism: 
Step 1: А +В е А+ + В 

Step 2: A* — Products 

where A is a molecule undergoing thermal decomposition or isomeriz 
reaction and B represents any other molecule. 

Step 1 is reversible, with rate constants £i and 1 for the forward and 
reverse steps, respectively, and produces the intermediate A*, a molecule 
with considerable amount of internal energy. The intermediate may either 
decompose to A and B by the reverse Process or it may decompose to give 
the products by the irreversible step 2, with rate constant ka. 

Using steady-state approximation, 
obtained for this System. Thus 


ФАТ — O = АЙЫ] — ki[A*I[B] — дж] 


‘ation 


a general rate expression may be 
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Rearranging, 


ae — КАЛВ) 
КВ] + kz 


Now, the rate of reaction is given by 


d [Products] 


944018 — kal AM] 


kiko ANB] 
V JBI + a (5.38) 


Two extreme cases may be examined using Eq. (5.38) 
Case (а) if ki[B] < ka, then the 
rate = ki[A][B] 


The mechanism may then be written as 


k 

Step I: А +В А* +В (slow) 
ka 

Step 2: A* — products (fast) 


Case (b) if kı [B] > k2, then the 
rate = E lA] 


The mechanism may then be written as 


kı 

Step 1: A+B = A* + В (fast, іп both directions) 
ky 

Step 2: A* — products (slow) 


This is the type of mechanism proposed for thermal decomposition and 
isomerisation reactions. 


PROBLEMS 


1, The decomposition of gaseous Ozone, 20, — 30», exhibits a rate law given by 
9103) _ , [Os 
dt [0] 
Show that this rate law follows from the mechanism: 
kı 
(a) 0520,40 


з 


Ks 
(b O, + O > 202 
On the supposition that ka > ka, what is the resulting expression for k? 
2. The rate law for the reaction 


I- + OCI- ^ IO- + СІ 
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is given by the equation 
d[O]  АШ-ДОСІ-] 
dt ——-- [OH7]: 


Propose a mechanism. 
3. Write the differential rate law for the following processes. 


kı 
(a) А = В (slow) 
ka 
B — products (fast) 
ky 
(b) А + B AB (rapid equilibrium) 
ay 
ks 
АВ —> products (slow) 
4. In acid solution the rate of reaction 
NH} + Н? = H,O + NOt (rapid equilibrium) 
NH} = NH; + Н+ (rapid equilibrium) 
NO* + NH; > NH,NO+ (slow) 
NH;NO* > H,O + Н+ + N; (fast) 
d[NH7] 


Write the rate law which is consistent with this mechanism by expressing 


dt 
as a function of INH} 1, [HNO,], апа [H+]. 


5. The rate law for the reaction 


Hg3* + TI > 2Hgz* -+ TI* 


_ЧЇН*] — A[Hg2*][TP''] 
ET ST THESE 
Propose a mechanism consistent with this rate law. 
6. The thermal decomposition of Н.О» proceeds according to the reaction 


H,O, > H:O + io 
and follows the rate law 
d[H.O,] _ 
-r = [H0 


Show that the following mechanism accounts for the above rate law: 
ky 
H40; + M > 20Н + M 


fast 
OH + H,0, gt H0 + HO, 


k: 
НО, + HO, > H,0, + О, 


k 
НО, + OH +H,0 + О, 
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. The oxidation of Cr (III) by Ce (IV) follows the rate law 
d[CelV] Сету] [Cru] 
арар" [Се] 
Propose a mechanism, and show that this mechanism is consistent with the empiri- 


cal rate law. 
. The reaction 


Co(CN)s(H20)? + I~ -> Со(С№)12- + HO 
follows the rate law: 


- 3I — үсосәдн,оу= 


Suggest a mechanism for the reaction, 


SIX 


Reactions in Solutions 


Reactions in solution are far more complex than reactionsin gasses. When 
a molecule dissolves in a solvent, a chemical change takes place wherein the 
solute molecules enter into a loose combination with a solvation shell of the 
surrounding molecules. The kinetics of chemical reactions, therefore, depend 
on the nature of this solvent shell. Mechanism of a given reaction is frequ- 
ently altered when the solvent is changed. 


6.1 RATES OF CHEMICAL REACTIONS IN SOLUTION 
COMPARED TO THE GAS PHASE 


"To describe the rates of chemical reactions in the gas phase as well as in 
solution, two different approaches based on collision theory and theory of 
activated complex, respectively, are most commonly employed. 


Applicability of Collision Theory in Solutions 


The collision theory in case of solutions indicates that the total number of 
collisions in a solution is more as compared to that in a gas. The reason is 
that the molecules are much closer to one another in solutions than in gases. 
Since the increase in the number of collision is accompanied by а simulta- 
neous increase in the rate of activation and deactivation, the Maxwell- 
Boltzmann distribution to the system should become stable more rapidly. 
It appears, therefore, that the reactions proceed with the same velocity 
whether a molecule becomes activated by collision with solvent molecules 
or by gas-phase collisions with others of its own kind. Rates of many first 
order reactions such as thermal decompositions of N20s, СрО, ог СН»; 
show that they differ very slightly. 

Table 6.1 gives the data on the thermal decomposition of N2Os in diffe- 
rent solvents. 

A comparison of the rate of decomposition of N20; in solution 
gaseous phase shows that the rate Constants, energies of activ 
frequency factor are practically the same, 

The values of the rate constants and activation energies are close to those 
found for bimolecular Teactions in solution. The close agreement in the 
values of rate constants in the two phases has been explained by pointing out 
the difference between collision in solution and in the gaseous state, As 
pointed out earlier, the number of collisions in solution is drastically less 


and in the 
ation and 


a 
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Table 6.1 Kinetic data on the thermal decomposition of N40; 
in different solvents at 25°C 


Solvent k (25°С) E, kcal mol A litre mol-! 5-1 
(Gaseous phase) 3.38 24.7 13.6 
CCl, 4.69 24.2 13.6 
CH,NO, 3.13 24.5 13.5 
CHCl; 5.54 24.6 13.7 
N0; 7.04 25.0 14.2 


than in a gas because a reactant molecule will have to diffuse for some dis- 
tance through the solution before it strikes another molecule. Once they meet, 
the two reacting molecules do not separate out immediately but remain close 
to each other for a considerable period of time. This is because the colliding 
particles are surrounded by a cage of solvent molecules. During this time 
the reacting molecules may collide repeatedly. Such repeated collisions or 
encounters are greatly influenced by the viscosity of the medium. Thus the 
effective collision number is not much different from that in the gas phase. 
Most of the collisions are ineffective for ordinary chemical reactions and 
the medium has no effect on rate. 

However, there are processes which are influenced quite appreciably by the 
solvents. The reactions in solution were found to involve the following three 
slow stages: 


1. diffusion of reacting molecules towards each other. 

2. reaction between the molecules with the formation of activated 
complex. 

3. the diffusion of products away from each other. 


Application of Activated Complex Theory to Reactions in Solution: 
Bronsted-Bjerrum Equation 


The theory of activated complex is very often employed to study the role of 
the medium in chemical kinetics. The method of investigation employed in 
this case is analogous to that used to study reactions in the gaseous phase. 
Use of such a general theory is rendered difficult by the fact that there is 
insufficient quantitative information about the properties of the liquids. It is, 
therefore, more convenient to treat the rates in solution in a manner which 
is more readily accessible, by using activity coefficients. 
Let us consider a bimolecular reaction: 


A + B = (X*) — Reaction products (6.1) 


where A and B are reactants and (X* ) is an activated complex. 
According to the absolute reaction rate theory, the rate equation for this 
reaction is 


TIT (F) (6.2) 
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where К is the Boltzmann constant, h is Planck’s constant, Т is the reaction 


temperature. 
If the activated complex exists in equilibrium with the reactions, then, 
Y, 
[X*] = ке [AJIB] 2278 (6.3) 
+ 


where K* is the equilibrium constant for the formation of the complex and 
Ya, Yg and У; are the activity coefficients of the initial reagents of the 
activated complex. 

The rate law depends on the concentrations of the reactants A and B, 
but the equilibrium constant K* depends on the activities of the species. 
Therefore, 


ANB] = = = (®”)гх*1= (EP) x” tmm 22 (6.4) 
h h Ys 
The rate constant / is thus given by: 
jos (57) Ke TAYE (6.5) 
h Ys 


In the vapour phase, the activity coefficient of the reacting particles and of 
the activated complex may be taken as equal to unity. The specific rate of 
reaction is thus in the vapour phase. 


ko = ET. o (6.6) 
h 
and in the liquid phase, 
ЧАЯ 
k= ko (6.7) 


This equation is known as Bronsted and Bjerrum equation for the reactions 
taking place in an arbitrary medium. Here ko is the reaction rate constant 
under ideal conditions, i.e. at low pressure for gaseous state and in extremely 
dilute solution in liquid phase reaction. 


Comparison of Reactions in Solutions and in Gas Phase 


In order to compare the rate processes taking place in solution and in the 
gas phase, the activity coefficients of the reacting particles and also of the 
activated complex need to be determined in both media, 


ki _ (YaYn | [УАУ 

[7 aD (32) (6:8) 
where kı and К are the rate constants in solution andin the gas phase. Only 
the activated coefficients of the starting material can, however, be measured 
experimentally. Equation (6.8) shows that the change in the reaction rate on 
passing from the vapour phase to liquid phase is determined by the degree 


of change of activity coefficients of the intial substance and of the activated 
complex. 
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For the majority of the unimolecular reactions, the rates in solution and 
in the gas phase are equal, since the activity coefficients of the initial sub- 
stance and the activated complex are practically equal. Thus the appropriate 
factor 


if the configuration of an activated complex and of the initial reagent will 
not differ significantly. The validity of the assumption was confirmed by 
comparing the rate constants of the decomposition of N2Os in a number of 
solvents. The present theory is applied to describe the different forms of 
solvation. 


Influence of Internal Pressure (Nonpolar or Disperse Solvent) 
The specific rate of reaction in the liquid phase (from Eq. 6.7) is given by, 


Yara 


k = ko y; 


(6.9) 


For a regular solution, i.e. one in which the molecular distribution is entirely 
random inspite of the nonideality, the activity coefficient, У, of the substance 
can be expressed by the following equation: 


NV 20 E11 , E22 2E1.2 
RT loge Y Vi (у; + xk) [ Vi zi: V2 vens] (6.10) 


where Vi and V2 аге the molar volumes of solute and solvent, Ni and № are 
their molar fractions, and £1 and £2 are the attractive energies between the 
molecules. (Е. and £2.2 relate to the attraction between molecules of the 
same type and £i.» between different types of molecules). 

Assuming that the interaction between different molecules is approxima- 
tely equal to the geometric mean of the interaction between molecules of the 


same type, then it implies: 


Ei.2 = (Eri Ez:2) 2 
and Eq. (6.10) reduces to 


T N2V2 20 [Eia M2 E2.2\'?? 
RT log *: = Илл + | (22) Р ( 2) | (610 


The values of the potential energy Ёл and E2.2 may be replaced by the 
energies of vaporization of solute and solvent when in the form of pure 
liquids. It then becomes possible to determine the activity coefficients of 
each component of the mixture provided the molar volumes and vaporisa- 
tion heats are known. 

If it is assumed that the properties of activated complex are similar to those 
of one of the reacting particles, some useful relationships can be obtained. 

The quantity E/V in Eq. (6.1 1) is approximately to a/V?, where a is the 
van der Waal's attraction constant. Consequently, E/V is equal to the inter- 
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nal pressure P of the liquid or the cohesion of the solvent, For a less con- 
centrated solution, the product №. V1, relating to the solute, may be neglected 
in comparison to N2V2 for the solvent; Eq. (6.11) then takes the form: 


RT loge У. = Vi(pl? — РУ?)? 
1251 (6.12) 


2 


where 4 = (pi? — Р}? 


absolute volume of the difference in the partial vapour pressures of the 
solute and the solvent. 


Taking the logarithm of Eq. (6.9), we obtain: 


loge k = loge ko + loge YA + loge Ув — loge Ys (6.13) 
Substituting the value of loge У from Eq. (6.12) into Eq. (6.13) we get 
RT log. К = RT loge ko + [Va -+ Ив4в — Vz 44] (6.14) 


The above expression thus relates the rate constant of a reaction to the 
molar volumes and internal pressure terms. 
Since the molar volumes do not vary significantly when a different solvent 


is used, the reaction rate constant is basically affected by the internal pres- 
sures, The following cases arise. 


Case I 
1f, in a given solution, 44 and Z differ from the internal pressure of the 
activated complex, the value of 

[ИАДА + Ив4в — Vz 44] 
will be negative and the rate of reaction in the solvent will be smaller than 
that in the absence of solvent. 
Case II 


If the solvent has an internal pressure equal to that of the activated com- 


plex, but differs from the internal pressure of the reacting substances, the 
difference 


[Vada + Veda — Ve 44] 
will be positive and the reaction rate will be greater. 
Case III 


If the internal pressure of solvent is similar to that of activated complex, 
the solvent will have little effect on the rate of reaction. 

Thus the following rule may be formulated for determining the influence 
of solvent on the rate processes: “If the pressure of the reaction products is 
greater than that of reacting substances, the reaction will be accelerated by a 


solvent with higher internal pressure and slowed down by asolvent with low 
internal pressure.” 


The concept of internal pressure is useful for reactions involving normal 
molecules only. 
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6.2 INFLUENCE OF IONIC STRENGTH OF SOLUTIONS ON 
REACTION RATES: SALT EFFECTS 


Electrostatic interactions cause the equilibrium properties of ionic solution 
to deviate greatly from ideality. The same causes are responsible for a num- 
ber of unusual features in the kinetics of reactions between ions. 


Primary Kinetic Salt Effect 


It is a general observation that the rates of reactions in solution are affected 
by the presence of electrolytes, whether they are reactants, products, or an 
added “inert” salt. By inert" salt we mean the salt whose ions do not 
react with either the reactant or the product. This effect of inert salts in the 
reaction rate is called primary kinetic salt effect. 

The transition theory enables the effect of inert salts on the rates of 
reaction to be calculated. J.N. Brénsted and N. Bjerrum in 1922 provided 
an effective treatment of these reactions in their activated rate theory applied 
to charged particles. 

Suppose that the reaction is between two ions, ion A with a charge of 
Za and ion B with a charge of Zn. It proceeds through an activated complex, 
(AB* )ZA*Z», Thus 

AZA + BZB = [AB(ZA*Z9)* ] -> Products (6.15) 
For the equilibrium between the reactants and the activated complex, we 
may write 
„ _ «(AB(ZA*Zn?* ) 
K^ = NAZX)a(BZ5) B 
Since we are dealing with ions, it is necessary to express the equilibrium 
constant K in activities rather than concentration. Eq. (6.16) can be 
written as: 
Ke У(АВ‹®А+2в )) [AB(ZA*Zn)* ] 
~ YAZA)((B75) — [A7A][B^8] 


2А). Z 
or [AB(ZA*Zn)* ] = K* [А®л][В2в gestae) (6.17) 


where as are the activities, у s are the activity coeflicients. 
According to the transition state theory: 
v= [ABZa ав] КТ 
1 
ЙД У(А2л).У(В2в) КТ 
— ке [д2АТв2в1 7^): WBB) kJ 
K* [A7A][B75] У(АВ®х+®вэ=# )' 7; (6.18) 
For a bimolecular reaction between A and В, the experimental rate of reac- 
tion may be expressed as: 
v = ЦА2А]В2в] (6.19) 
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where К is the experimentally evaluated rate constant. Equating Eqs (6.18) 
and (6.19), we get: 


МА2А]1828] = (x =) [AZA][BZn ] L7) -Y(B7n ) 


Y(AB(ZA*Za)* ) 
s A gh MANER ZEW) (6.20) 
where pS (x А ы) 


This result is known as Brénsted-Bjerrum equation. Taking the common 
logarithm of Eq. (6.20) 
In k = In ko + In [У(А2А)] + In [V(AZ8)] — In [(AB(ZA*Zz?* у] 
(6.21) 


The activity coefficient of the ion depends upon the ionic strength of the 
solution, which is defined as: 
T= 1/23 mz? 


The terms ти and Z; are the molarity and charge of an ion i, and the sum- 
mation includes all the ions present in the solution. 


Relating the activity coefficient to the ionic strength of the solution using 
Debye-Hiickel’s limiting law 
In% = — AZT 
where, Z = charge of an ion 
I = ionic strength 


A = а constant 


For an aqueous solution at 25°C, the constant 4 = 0.509, then we have 


In Y; = —0.509 224/7 
Hence, Eq (6.21) becomes: 


Ink = In ko — [0.509ZÀ + 0.5095 — 0.50973 + Zug] VT 


Ink = In ko + 1.018ZAZs VT (6.22) 


Equation (6.22) indicates that the rate constant of an ionic reaction in solu- 
tion should depend on the ionic strength. This is the kinetic salt effect. 
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In (K/ko)- — > 
© 
© 


-0.4 


Fig. 6.1 Dependence of logarithm of relative 
rate constant on square root of ionic strength 
(La Mer Curve) 


The reactions represented in the graph are given below. 


System Reactants Slope 
2423 

I [CO(NH,)sBr?*] -- Hg?+ +4 

I 58.027 + I- +2 
ul NO:NCO;CH; + I- +1 
IV CH,COOC;H; + OH- 0 

у H:O: + Н? + Br- =i 

VI CO(NH;)sBr** + OH- 295 
VII Fe + CO(C,003 -6 


Reactions between pairs of ions of like charge are usually accelerated by 
increasing the ionic strength. The process is favoured by high ionic strength 
because of the favourable interaction of activated complex with its denser 
ionic atmosphere. 

Conversely, reactions between ions of unlike charge are usually slowed 
down. This is because the cancellation of charge on complex formation is 
unfavourable due to lessening of its interaction with the ionic atmosphere. 

The rates of reaction between two uncharged molecules, or between an 
ion and a molecule are usually only slightly affected by the addition of inert 
salts. 

These predictions have been confirmed from experimental results. If a 


plot is made between In (8) and V7, ina dilute solution, a straight line 


with a slope equal to ZAZn is obtained (Fig. 6.1). 
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Secondary Salt Effect 


We have just seen how the velocity constant changes with the ionic strength 
of the solution. There is another kind of salt known as secondary salt effect. 
The rate of reaction may change by altering the effective concentration of 
the catalysing species. Here the rate is altered as a result of change in the 
concentration of one of the reacting ions in the presence ofa foreign electro- 
lyte that changes the ionic strength of the solution. Thus the degree of dis- 
sociation of the reacting electrolyte changes. Such a phenomenon is quite 
independent of the primary salt effect and is known as the second 
effect. 

If the reactions are catalysed by acids or bases, i.e. H* or OH- ions, the 
addition of inert salt affects the concentration of H* or OH- ions. Since the 
rate of reactions is a function of the degree of ionisation of acetic acid, it is 
Proportional to the concentration of H* or OH- ions. Thus the rate con- 
stant will be influenced by the salt concentration, i.c. rate constant would 
depend on the ionic strength. 


Let us consider the hydrolysis of cane sugar catalysed by a weak acid. 


ary salt 


weak acid 


Ci2H22011 + H20 ————> CoH1206 -- CoH1206 
The rate of reaction «[Н+] 
Кер = k[H*] (6.23) 
The catalyst comes from the dissociation of weak acid. Thus 
HA = Ht + A- 
be к CHAT HA] 
[HA] У[НА] 
Ог [Н+] = к [HA] УНА] 


[A7] УНУТАТ] 


If the reaction is carried out at fixed ratio of mal by making use of 


buffer solution, then 


ee к ELAN 
ІН] = к НА] (6.24) 
Substituting [H*] in Eq. (6.23), we get: - 
р ‚__У[НА] 
= к.к AAJ 
KETA 
ge Y[HA] 
Kexp == Кен AT 
loge Келр = loge ko + loge Y[HA] 
Using the Debye-Hiickel limiting law, we get: 


Or — loge ¥[H] — loge у[А-] 


loge kexp = loge ko + 1.018\/ T (6.25) 
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The expression (6.25) shows that Кехр increases with an increase in the ionic 
strength of the solution. 


If the catalysing acid is of the type мні, 
loge Кехр = constant 
and a zero salt effect is observed. A negative salt effect will be observed if 
the catalysing acid is of the type Fe(H20)é", i.e. 


loge Kexp = constant — 21/2 


6.3 REACTION BETWEEN IONS AND BETWEEN DIPOLES: 
EFFECT OF DIELECTRIC CONSTANT 


According to the activated complex theory, the rate constant is related to 
the free energy of activation and is given by: 


kT 
k= p P (—4G*/RT) (6.26) 
where 4G* is the change in the Gibbs free energy in going from initial to 
transition state. For ionic reaction, 4G* consists of two quantities 
corresponding to non-electrostatic and the electrostatic interactions, i.e. 


AG* = AG. + 46? (6.27) 


For ionic reactions the electrostatic interaction makes the most important 
contributions to the Gibbs energy, 4Gz . The change in Gibbs energy can 
be calculated by assuming the charged ions as conducting spheres and the 
solvent as a continuous dielectric, having a fixed dielectric constant. 

Thus, if we assume that the two ions of charges Хде and Хве in solution 
respectively, are brought together from an infinite distance to the distance 
of contact d to form the activated complex in a medium of dielectric 
constant D, then 


—» Т 
daB. 


|. 


ACTIVATED COMPLEX 


(INITIAL STATE) 


Fig. 6.2 “Double sphere” model 
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Work done involved in this process is 
d 
W. = | F dx (6.28) 
© 


where F is the force acting between the ions at a distance x apart and is 
given by: 
__ (Zae)(Zne) 


dos (47e9) Dx? 


Thus 


W. = i (Zae)Zno), 1 4. 


ә (4me)D x? 


ant кы, i (6.29) 


If the ions have charges of the same sign, the work will be positive, other- 
wise it will be negative. 

W. is equal to the electrostatic contribution to the free energy increase in 
going from the initial to final state and 4G = — W. 
Inserting Eq. (6.29) into (6.27), we obtain: 


AG* = AGÉ - ZaZne? 
G AGne + roD d (6.30) 
Inserting Eq. (6.30) into Eq. (6.26), we get: 
E | AGE _ ZaZne? |] 
gie ( km ЫЛЕ) (6:31) 
Writing Eq. (6.31) in logarithmic form: 
22362 1 
Ink = In ko (те) d-RT (6.32) 
TEG үз, 4б) 
where Ко = 7 exp ( RT 


(ko is constant at constant temperature). 

Equation (6.32) shows that In k varies linearly with 1/D with a slope of 

2 

= oS This agrees with the experimental data. Figure 6.3 shows 
the variation of rate constant with the reciprocal of dielectric constant for 
the reaction between ions of bromoacetate and thiosulphate in water. 

If the activated complex is assumed to be a single sphere in an alternate 
model with a charge of (Za -+ Zs)e, then Eq. (6.32) can be written as: 


tie | TX oun ou 
Bes. iue Xs) DR y? "-2] 


where Y* is the radius of the activated complex. 
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Fig. 6.3 Dependence of logio k on 1/D 
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Fig. 6.4 "'Single sphere" Model 


6.4 EFFECT OF PRESSURE ON RATE OF REACTIONS 
IN SOLUTION 


The effect of pressure on the rate of reaction in solution has been extensively 
studied In recent years. Pressure studies have provided valuable information 
regarding the mechanism of a reaction. 

The basic idea is conveniently derived from the activated complex theory 
in which it is shown that the rate constant of а reaction is proportional to 
the equilibrium constant for the formation of the transition rate. 

Thus according to the activated complex theory, the rate constant k is 
related to the equilibrium constant by: 


Е= — “Thr (6.34) 
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where K* is the equilibrium constant of the reaction between the reactants 
and the activated complex i.e. 


А +В = АВ? 
Taking logarithm of expression (6.34), we get 
Ink = In (- ED + In K* (6.35) 


differentiating Eq. (6.35) with respect to P at a constant temperature, T, we 


get: 
OiInk\ _ [é In k* 
( др ),= [ дР i, (6.36) 


It is known from chemical thermodynamics (van't Hoff isotherm) that the 
equilibrium between molecules of reactant and the transition: 


—AG* = RT In K* 


ay a 
or In K* = RT 
AH* , AS* 
c UNES M (639) 


where, 4G*, 4H*, AS* are the standard free energy, enthalpy and entropy 
changes respectively for the formation of transition state and K* is the 
corresponding thermodynamic equilibrium constant. 


Now 
AH* = AE* + pAV* 
Therefore 
о Ru AS pAV: AS: 
dicet мату R (638) 


To investigate the effect of pressure at constant temperature, the expression 
(6.38) is partially differentialed with respect to p at constant T, yielding 


ô In KŻ AV* 
(uie Lun ta 


Here 4V* is the change in volume or volume of activation. It represents 
the change in volume of the system in going from reactant to transition 
state. 

Equation (6.39) reveals that (1) the rate constant of a chemical reaction 
increases with increasing pressure when 4V* < 0 (the volume of the acti- 
vated complex is less than the total volume of the reactants), (2) the rate 
constant decreases with increase in pressure when 4V* > 0), (3) the reaction 
rate is almost independent of pressure when AV* is negligibly small. 
Equation (6.39) may be written as: 


x 
dink = — 2 .dp 


T ——— — eee 
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which on integration yields: 
Ave 


—nk = — Rr? + const. (6.40) 
If applied pressure, p, is zero. k = ko 
Hence 
Av# 
In k = In ko — [ДА 
k Ay* 
or In (&) = —PURT (6.41) 


Thus according to the transition state theory, in any incompressible system, 
the plot of In (k/ko) versus applied pressure, p, should be straight line pass- 
ing through the origin (Fig. 6.4). The value of 4V* can be determined 
from the slope —4V*/RT. Equation (6.41) can be applied with good 
results to certain reactions. t 


Significance of 4V* 


Perrin discussed the significance of 4V* by observing that there isa general 
correlation between entropy of activation and volume of activation for 
reactions in aqueous solution. The 4V* depends on the pressure to a 
smaller extent than the 4S*. The activation entropy depends on the strength 
of the chemical bonds, whereas the volume of activation depends on electro- 
striction, i.e. the electrostatic action of the reacting ions on the solvent 
molecules leading to a decrease of their degrees of freedom. 

If a reaction takes place in such a way that ions ofthe same sign approach 
each other or ions of opposite sign separate each other, there is growth of 
electrical field. Consequently, the electrostriction (orientation of a solvent 
molecule due to dissolved ions) increases. As a result the volume of activa- 
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Fig. 6.5 Dependence of log (к) on pressure, P(GN/M?) 
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tion is lowered. The increase in electrostriction also causes a decrease in the 
volume of entropy of activation. Such reactions are accelerated by increase 
of pressure. 

Conversely, if the electrical field weakens as a result of combination of 
ions, having opposite charge, there will be an increase in the volume of 
activation and energy of activation. Such reactions are retarded by an 
increase in pressure. The following table gives the influence of pressure on 
activation volume and entropy of a reaction. 


Table 6.4 Effect of pressure on the volumes and entropy of activation 


Classification Ionic nature Reaction 


AVs* AS? 
of reactions 


cm? mol! са! deg-! mol-! 


Slow Formation of ions CH,;COOCH,-H,0 «0 «0 
of opposite sign H* 
or combination of —> CH,COOH (—8.7) (—10) 
ions of same sign -- CH,OH 

(Between ions of 
one sign) 

Normal Electrostatic effect C?H;,07 4- CHI > «0 «0 
is not significant C; H;OC;H;--I- (—4.1) (—10) 

n (in ethanol) 
(Substitution with 
a negative ion) 

Rapid Reaction between CO(NHs)sBr?+ > 0 > 0 
two oppositely +OH- > (8.5) (22) 
charged ions [(OH)CO(NHj);Br*] 

->CO(NH;),OH** 
ВЕ 


6.50 LINEAR FREE ENERGY RELATIONSHIPS 


It is well known that the introduction of a group in an organic molecule 
influences the reaction rate to an appreciable extent. The substituent has 
definite effect on the distribution of electron density in 
example the alkaline hydrolysis of ethyltrichloroacetate (I) 
8 million times faster than the alkaline hy 


a 
a molecule. For 
Proceeds about 
drolysis of trimethylacetate (II). 


E о СНз о 
cif T 

7 NO— CH; у. р. оон; | 
СІ ф CH; 3 | 


(II) 
Similarly the rate of reaction of methyl 


than that of pyridine without a substitu 


A quantitative relationship between structure and reactivity of substances 
was first observed by Hammett in 1933. He showed that for a number of 
reactions of methyl esters with NMe; 


pyridine with methyl iodide is larger 
te. 
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kes 
RCOOCH3 + N(CH3)3 > RCOO- + N*(CH3)4 (6.42) 
the rates of reaction are linearly related to the ionisation constants of the 
corresponding carboxylic acids in water J 


K 
RCOOH + H20 = RCOO- + H3O* (6.43) 


A plot of the logarithm of rate constant (—log k) for reaction (6.42) v. 
equilibrium constant (—log K) for ionisation of the acid (6.43) gave a 


reasonably good straight line (Fig. 6.5). 


-log К RcoocHs 


- log K RcoocH 


Fig. 6.6 Linear relationship 


Reactivities of substances can be characterised quantitatively either by 
free energy charge 4G- (if equilibrium is considered) or by free energy of 
activation 4G* (if reaction rate is considered). Thus the relation between 
equilibrium constant, K, rate constant, k, and free energy charge is given as 


below: 
4G- = —2.303RT log K 


h 
AG* = —2.303RT log ez) 


where, 
— equilibrium constant 
kr = rate constant 
h = Planck's constant 
К' = Boltzmann’s constant 


Thus Fig. 6.6 is equivalent to a straight line relationship between 4G*, the 
free energy of activation for the ester reaction (related to k, rate constant) 
and 4G-, the free energy charge for the ionisation of acid (related to К). 
There is thus a straight line or linear relationship between the free energy 
terms for these two different reaction series. These types of straight line 
Hammett plots in Fig. 6.6 are referred to as linear free energy relationships. 
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Derivation of Hammett Equation 


Figure 6.7 shows a plot of log k for a series of m- or p-substituted aromatic 
acids у. log К for ionisation of the corresponding acid which is a straight 
line. 


log k CsHsCOOC:Hs 


log Кс‹н.соон 


Fig. 6.7 Plot of log Ку. log К 


Applying the general equation for a straight line (у = mx + c) to the straight 
line curve of the type in Fig. 6.6, we can write: 


log kx = Р log Kx + с (6.44) 


where P = slope of the straight line and is referred to as reaction constant. 
c = intercept. 
X = m- or p-substituent in the benzene ring of the species 
concerped. 
k — rate constant. 
K — equilibrium constant. 


An analogous expression for unsubstituted ester and acid. 
log Кн = Р log Ku + C (6.45) 
Subtraction of Eq. (6.45) from Eq. (6.44) gives: 
log kx — log ku = P(log Kx — log Ku) 


k 
or log =~ 


=| 
l 
| 


Кн (6.46) 


An equation of this type (6.46) has been found to apply for a large number 
of organic reactions for which straight line log-log plots can be made. It is, 
therefore, convenient to select the ionisation constants for one series of 
acids as standard. Since a large number of reasonably precise data are 
available for the ionisation constant of m- and p-benzoic acids іп water at 
25°C, this was taken as a standard reference reaction. 
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Defining a new quantity ox as 
К, 
ox = log тт (6.47) 
Ku 


where ох is a substituent constant. This differs from one substituent to 
another but remains constant for a particular substituent independent of the 
type of reactions. 

Substituting Eq. (6.47) in Eq. (6.46), we get 


log КЕЙП Prox (6.48) 
This correlation is known as Hammett equation. 


Knowing the values of the constants оз, we can usea plot of log (&) 
H 


against ох to find the values of reaction constant p. p values for a particular 

reaction, carried out under specified conditions, remains constant, no 

matter what the m- or p-substituents present in the compounds involved. 
The values of the constants p are given in the following table. 


Reaction p 
ArCOOH ~ ArCOO- + Н+ 1 
ArBr + СН ОН — ArOCsHi -+ НВг 4.918 
2ArCHO -> ArCH;OH + ArCOOH 3.633 
ArCH; + Вг, > ArCH;Br + НВг —1.085 
ArH + NO} > ArNO, + Ht —7.292 


ax, the substituent constant is a quantitative measure of the electron-releas- 
ing or electron-withdrawing power of the substituent group and may have a 
positive or negative value. A positive value of с indicates stronger. 
electron-attracting ability relative to hydrogen, whereas a negative value of ` 
this constant indicates that it attracts less strongly than hydrogen. The 
substituent may also exert a field effect. ` 
The magnitude of the reaction constant, p, is a measure of the sensitivities 
of the reaction to changes in the polarity of the substituents in the adjacent 
benzene ring. The larger the absolute value of P, the more sensitive is the 
reaction in question. The signs of the constant, P, characterise the kind of 
reaction transformation. The negative value of P indicates the development 
of positive charge at the reaction centre in the transition state for the rate- 
determining step of the overall reaction and while a positive value of p 
indicates the pulling back of electron density from the reaction centre in the 
transition state for the rate-determining step of the overall reaction. 


The Taft Equation 


The Hammett equation does not apply very well to either O-substituted 
benzoic acid or aliphatic compounds because steric effects play an impor- 
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tant role in governing the rate of reaction. This led to non-linear, or even 
to apparently random plots. 
For aliphatic compounds, R. Taft proposed that 


log k = log ko + о*р* (6.49) 
where, k = rate (or equilibrium) constant for a particular representative 
of the reaction series. 
ko — rate (or equilibrium) constant for the standard compound. 


P* — reaction constant. 
o* = polar constant of the substituent. 


The Taft constant o* is a measure of the electron-attracting ability of the 
substituent. It is purely an inductive effect since it is transmitted through 
an aliphatic chain, 

The o* values in Eq. (6.49) are not defined in terms of the dissociation 
constant. It was determined by Taft by separating the total effect of a 
substituent into a steric term and a polar term on the suggestion of Ingold. 
The basis of the method is as follows: It is found that ¢ values for the 
acid-catalysed hydrolysis of m- and p-substituted benzoic acid are approxi- 
mately 4-0.03, very nearly to be zero. The lack of effect of substituents is 
due to the fact that it is a multistep reaction and the effect of substituents 
for some steps is cancelled out by others. 


он 
1 
C—OR H “усов ut 
Он ES | =з 
C-OR — *OH2 
OH OH 7 OH o 
toon... i Сов é c 
UN 3 zb с-он 
I = = П + R-OH 
OH "t *OH = 
A 


In the above reaction, an electron-releasing substituent will favour step I 


and hinder step II. Due to this balancing effect, the overall p for the acid- 
catalysed reaction is zero. 


catalysed hydrolysis. 
It is seen that there is close similari 


ures I and П. They are both 


tetrahedral differing only by the presence of two additional protons in the 
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OH H e 
P 4 1 p 
С G QR ee 
Nou Nou 
ш 


Acid hydrolysis Base hydrolysis 


Taft assumed that the steric effect is substantially the same in both acid 
and base catalysed hydrolysis because of close spatial similarity of the two 
activated complexes. The ratio k/ko in alkaline hydrolysis is a measure of 
the two effects (polar and steric) while in acid hydrolysis the ralative rate is 
proportional to the steric effect of the substitution. 

The values of the polar parameter (c*) may be obtained from: 


g* = | (2); ni (&).] ferm 


where A and B refer to the acid- and base-catalysed hydrolysis, k is the 
observed rate constant, ko is the rate constant for the standard compound 


T V 
and the constant, 55 is the reciprocal of the average р for several ester 
hydrolyses for which there are no steric effects. The steric parameter, Es, is 


obtained from the equation: 


К = *p* 
log (&) = e*p* + OF, (6.51) 
where 8 = 1.0 for the hydrolysis of esters. 

Using Eq. (6.49), linear plots were obtained for a number of different 
reactions of aliphatic compounds. 

The values of с* found by Taft are given in Table 6.5. 


Table 6.5 Values of Taft's constants ож 


Substituent o* | Substituent o* 
CH, 0.00 | CH; 0.60 
C;H; —0.10 CHCH, 0.22 
iso-C; Hs —0.19 | CH,CO 1.65 
H 0.49 | CH=CH; 0.40 
OH 1.55 


Solvent Effects on Rates 


It has been noted that the value of P for a particular reaction in a given 
solvent changes with change in solvent. For example: 
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Reaction тө. ig 
CsH;COOH + Н,0 = C,H;COO- + Н,0+(Н,О) 1.00 
(by definition) 
CsHsCOOH + Н,0 = CsH;COO- + H,O 1.60 
(50% aqueous ethanol) Re t 
CsHsCOOH + OH- = C,H;COO- + H,O + (ethanol) 1.96 
CsHsCOOC.H; + OH- = C,H;COO- + C,H;OH 1.83 
(70% aqueous ethanol) 
C,H;,COOC;H; + OH- < C;H;COO- + C;H;OH 2.54 


(85% aqueous ethanol) 


A perusal of the values of p shows that it increases on changing thc 
solvent from water to ethanol. 

The change in rate.of a particular reaction in a range of differing solvents 
may be correlated with change in dielectric constant. However, this correla- 
tion has not proved very useful. Grunwald and Winstein made an attempt 


to establish reactivity/solvent correlations using linear free energy equation 
of the type: 


log (с) 2m (6.52) 


where k = rate constant for the solvolysis of a compound in any solvent. 
ko = rate constant for the solvolysis of the same compound in the 
standard solvent (80% ethanol) 
у = measure of the ionising power 
m = sensitivity of the substrate to changes in the medium. 
m = 1.00 for standard halide 


I 


The application of this equation requires that y values be determined 
with respect to standard compound. Grunwald and Winstein took SN 1 
solvolysis of t-butylchloride and 80% aqueous ethanol as standard re 


action 
and standard solvent, respectively. 


SN 1 S 
- R3C—Cl — > [R3C"' —CI--] — R3C—S 
Slow ion-pair (S — solvent) 
intermediate 


Setting up a Hammett-like relation: 


log ka — log ko = ya — yo 
where, ka = rate constant for the solvol 
solvent A 


ko = rate constant in the standard solvent (80% 
Ул = empirical solvent parameter in solvent A. 
Jo — empirical solvent parameter in standard solvent, 


^ value can be determined by setting the value of yo as zero if ka 


ysis of tertiary halide in a 


ethanol) 


The y; 
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in the differing range of solvents are known. Typical values of ya are given 
in Table 6.6. 


Table 6.6 Typical values of уд 


Solvent A YA 
Water +3.56 
50% Ethanol 4-1.604 
80% Ethanol 4-0.0000 
69.5% Methanol 41.023 
Formic acid -+2.08 
50.6% Dioxanc 4-1.292 


The use of m can be made for diagnostic purposes as it provides some 
measure of the extent of ion-pair formation in the transition state for the 
rate-determining step of the solvolysis reaction. Higher values of m are 
indicative of well advanced ion pair. Higher values of m are indicative of 
well advanced ion pair formation in the transition state for Sw 1 solvolysis 
of halide. A lower value of т is characteristic of the Sw 2 pathway of 
solvolysis of halide. 

Grunwald-Winstein treatment has limited applications and is its major 
defect. 


6.53 Thermodynamic Implications of Linear Free Energy Relationships 


Let us consider in brief the thermodynamic implications of linear free 
energy relationships. 

It has been already mentioned that a straight line relationship between 
log kr and log К implies that there is also a linear relationship between 
AG® and 4G* for the two different reaction series. Thus: 

AGO = — 2.303 RT log K (equilibrium constant). But 


AGe = AH9 — Т 459 


and AG* = — 2.303 RT log k EF (k = rate constant) 


But 4G* = AH* — TAS* 

Such a linear relationship between 4G® values and 4G* values is only 
expected if, for each series, one or other of the following conditions is 
satisfied. 

(1) 4H is linearly related to 4S for the series. 


(2) 4H is constant for the series. 
(3) 4S is constant for the series. 


Hammett applied his correlation to 39 cases and observed good agree- 
ment in 30 cases. 
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WORKED EXAMPLES 


Example 6.1 Calculate the ionic strength in a solution containing 0.1 M 
NaCl and 0.2 M Na»SO.. 


Solution 2 
Total molality of Na+ ions = 0.1 + 2Хх0.2 = 0.5 
molality of CI- ions = 0.1 

molality of 503 ions = 0.2 


and valencies of Na*, СІ- and 502 are І, 1 and 2 respectively. 


Ionic strength, / = M(niZi + mmZ3 + m3Z3) 

1(0.5:« 12 + 0.1% 12 + 0.2 22) 

0.70 

Example 6.2 The rate constant for the alkaline hydrolysis of [CO(NH3)sBr]?* 


depends on ionic strength as given below. Predict the type of the charge of 
the activated complex in the rate-determining step. 


ll 


I 0.005 0.010 0.015 0.020 0.025 
( 0.718 0.631 0.562 0.515 0.475 


Solution A Plot of log k/ko against J'/? will give a straight line with the 
slope = — 2.1. Thus from Eq. (6.22) 


log p= 1.018 ZaZp4/T 


Since Za = 1, Zu = + 2, the complex ion appears to be involved in the 
activated complex with the OH-. 


Example 6.3 For a second order forward reaction, the values and rate 
constants k2(x) are given below: 


Substituent, x ox 10-?&.x)/1 mol! 5-1 log i 
p-CH, =0.17 0.158 —0.31 
н 0 0.324 0 
p-Cl 0.22 0.983 0.48 
p-Br 0.23 0.715 0.34 
m-CF; 0.43 4.72 1.16 
p-CN 0.70 14.7 1.66 
p-NO, 0.78 19.2 1.77 


for the equilibrium constants Kx = 3.76. 
Calculate P for the first order reverse rate constants kı, (x). 


From these results, the P value for the dissoc 


iation of the compound is 
given by 


3.76 = 2.40 — (ax) 
Pax) = 1.36 
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log k2(X)/k2(H) 
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Fig. 6.8 A plot of log KH) V. oy 
PROBLEMS 


1. Calculate the ionic strength of the following solution of electrolyses 
(а) 0.01 M NaCl (b) 0.01 M CuSO, (с) 1 M K,Fe(CN), 
i [4п5. (a) 0.01 M (b) 0.04 M (c) 10 M] 
2. Predict the effect of increase in ionic strength on the rate constant for each of the 
following reactions. 
(a) Pr(NH3)CI* + NO; 
(b) PLCIZ- 4- OH- 
(c) РКМН;),СІ, + OH- 
[4ns. (a) Decrease (b) Increase (c) No effect] 
3. One ion of charge number --1 is known to be involved in thc activated complex 
of a reaction. Deduce the charge number of the other ion from the following 
data: 


T 0.005 0.010 0.015 0.020 0.028 0.030 
kiko 0.98 0.97 0.97 0.96 0.96 0.95 
[Ans, —1] 


4. The rate coefficient for the reaction, Н,О, + I- + H3H,0 -- HIO, is sensitive 
to the ionic strength of the aqueous solution in which the reaction occurs. The 
rate coefficient measured at 25°C and at an ionic strength of 0.0525 is 12.2 M-?. 
Use the Debye limiting law to estimate the value of the rate coefficient at zero 
ionic strength. [4п5. 2.5x10? M- s~] 

5% According to the Brénsted theory, will be specific rate constants of the following 
reactions remain unchanged, increase or decrease as the ionic strength is 
increased? 

(a) NH} + CNO- —> CO(NH,), 
(b) The saponification of an ester 
(с) $05? + I- —> Products 


“а. [Апз. (a) Decrease (b) Little effect (c) Increase] 
6. Use the Debye limiting law to show that changes in ionic strength can affect the 
rate of a reaction catalysed by H* from the ionisation of a weak acid. 
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7. For the reaction 
NH,SO,OH + Н.О = NH4HSO, 


in aqueous solution at 80.35°C, the following results were obtained. 


Ix 108 5.06 11.21 15.85 22.94 
k/M-Yhr- 1.07 1,02 0.976 0.886 


From these data, ascertain the valencies of the reacting ions. 
8. Calculate the Hammett p for the second order displacement reaction between 
benzene sulphonylchloride and substituted benzoate anions in methanol at 25°C 


Substituent, x [A 10° &,/1 mol-! 5-1 
p-CH;0 —0.28 6.58 
p-CH; —0.17 5.75 
m-CH; — 0.06 5.33 
H 0 5.18 
m-CH,O 0.11 4.56 
р-Сі 0.22 4.27 
р-Вг 0.23 4.04 
m-Br 0.39 3.80 
m-NO, 0.71 2.91 


p-NO, 0.78 ‚ 2.78 


SEVEN 


Kinetics of Complex Chemical 
Reactions 


7.1 COMPLEX REACTIONS 


Simultaneous Reactions 


There are many reactions which are not straightforward. They do not 
follow the simple kinetics of first, second or third order reactions. In them 
many complications arise due to reactions occurring at the same time. These 
reactions are called simultaneous reactions and an allowance for these 
reactions has to be made in order to formulate a rate expression. The 
simultaneous reactions may be classified as (1) opposing or reversible ele- 
mentary reactions, (2) parallel or concurrent elementary reactions, (3) con- 
secutive or sequential reactions. 

A reversible reaction may be classified on the basis of both forward and 
backward reactions. 

1. First order opposed by first order, A reversible reaction, in which both 
forward and backward reactions are first order, may be written in the 
general form as: 


ke 

= B (7.1) 

(a—x) кь x 
Кє апа kp being the specific reaction rates in the forward and backward 
directions, respectively. Examples of reversible reactions of this type could 
be Cyclopropane = Propene or d-menthone = I-menthone, or the conver- 

sion of thiocyanate into thiocarbamide. 
At the start of reaction, no B is formed and as a result no backward 
reaction occurs. With the passage of time, as soon as B is produced, the 
back reaction sets in. Thus the rate at which the reaction proceeds will be 


given by: 


Net reaction rate — Rate of forward reaction 
— Rate of backward reaction. 


d[A] d[B] 


E xU 75 КА] — КВ] 
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If initial concentration of pure A is a, and if x is the concentration of B 
after time f, then: 


i = kr(a — x) —ky-x (7.2) 
t - 
Let xo be the concentration of B at equilibrium point, then 
dx 
а % 
and we have 
kr(a — хо) = Кь+хо 
or Р ky = {ela — х) (7.3) 
Xo 
Substituting the value of ky from Eq. (7.3) to Eq. (7.2), we get, 
dx oU Кеба — xo)-x 
dt ha x) Xo 
dx Ка — x):xo — kela — x0)+x 
or = 
dt хо 
=МОо— x). 
жазуы ota (7.4) 
On rearrangement, Eq. (7.4) becomes; 
Басхан c dull 
(ped ху! nex kr: dt (4.5) 


Integrating Eq. (7.5) within the limits from 0 to x and correspondingly 
from 0 to t, we have: 


аа. 
Ge x) = ke dt 
which yields 
— In (xo — x) TE кєч + C (7.6) 


The value of constant of integration, C, is obtained by putting the condi- 
tion t = 0, x = 0 in Eq. (7,6). Thus 


= ng (7.7) 
Putting the value of C in Eq. (7.6), we get: 


— In (xo — x) = L Ket = In xp 


— [х0 Xo 
or ke (2) ШЕ = 3 (7.8) 


Thus Kr from Eq. (7.8) can be easily calculated from the easily measurable 
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quantities а, xo and x at time г. Knowing kr, ke can be obtained from 
Eg. (7.3). 
It can be further shown that Eq. (7.3) may be written as: 


Кеча = (kf + Ko) хо 


а _ kr ko 
xo ^ kr (7.9) 
Substituting the above expression in Eq. (7.8), we get: 
aul. Xo 
(kr + ko) = т In — PC (7.10) 


Thus the value of ks can be obtained from Eq. (7.10). 


Equilibrium Constant of the Reaction After the system has attained equili- 
brium, the equilibrium constant К is given as: 


к= (5) Xo ke 
[A]/e (a-- x) kp 
Since, from Eq. (7.3), 
Kf Кеды 
ke (a — xo) 
Hence: K= s (7.11) 


Thus we arrive ata very important expression between the equilibrium 
constant and the rate constant ofa simple reaction. The practical import- 
ance of such a result is that knowing the value of Ķ, forward and reverse 
reaction rate coefficient can be obtained. 

2. First order opposed bv second order Let us consider the reaction of 
the type: 

kf 
A = B+C (7.12) 
(а= Mke “XW 

Then the rate of reaction is: 


ЯХ ба — x) — Кы? (7.13) 
Since at equilibrium dx/d¢ = 0, and x = xo, the equilibrium concentration, 
Eq. (7.13) becomes: 


Ке(а — хо) = Кьхб 


=k @ 2 (7.14) 


0 


or ko 


Introducing k» in Eq. (7.13), so that 


РТС) (7.15) 
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Intregating Eq. (7.15) under the condition that at t = 0, x = 0, we get the 
following expression: 


я": хо ахо + x(a — хо) 
kr t Qa — хо) nf a(xo — x) 1 
An example of such reaction can be the decomposition of certain alkylam- 
monlum halides into a tertiary amine and an alkyl halide in aqueous 
medium. 
3. Second order opposed by first order Let us consider a reaction of 
second order opposed by first order represented as: 
kg 
+ Boy HC (7.17) 
(a—x) (a—x)* x 
Starting with equal concentration of A and B as a, let x be the concentra- 
tion of C at time f, then the rate of reaction is given by: 


SX L ke (a — x)? — ky x (7.18) 


(7.16) 


At equilibrium, dx/dt = 0, and x = xo, the equilibrium concentration of 
C, thus, 


Кє (a — хо)? = kp хо 


_ ke (a — хо)? | 
or ko =, a (7.19) 
Introducing Eq. (7.19) in Eq. (7.18), one gets: 
dx — MIR Rte (aito? 
Epis kr (a — x) kr = 59 
ke la MiG = ae } (7.20) 
хо 
The integrated form of Eq. (7.20) under the conditions t = 0, x = 0, is: 
xo хо(а? — S3 
kr ТЕР=Е In E aED (7.21) 


An example of such reaction is the isomerization of an alkylammonium 
cyanate to the corresponding substituted urea in aqueous solution. 

4. Second order opposed by second order Reversible reactions in which 
the opposing processes are both of the second order are also known. Let us 
consider a simple bimolecular, second order reaction. 

kt 
A+B=C+D 
kb 
(CH3COOC2Hs + H20 = CH3COOH + C2HsOH) 
So, 


T = kela = 3) (D — x) — koad 7.22) 
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At equilibrium, dx/dt = 0, and we have: 


ke (a — xo) (b — xo) = Кь-хб (xo being the equilibrium constant) 


a ky = kr 629 Ф — 29 (7.23) 
х0 


Substituting the above expression іп Eq. (7.22), we get: 
dx [к (a — эф ~ x) — Ga we) э] aw 


2 
dt х2 


Integrating Eq. (7.24) under the conditions, x = 0, t = 0, we have: 


хо | [z (a — 2x0) + =] 
2at (a — xo) a(xo — x) 


kr 


(7.25) 


The respective rate constants can be found if we know the equilibrium 
constant, K. 


Parallel or Concurrent Elementary Reactions: 

There are reactions in which a given substance reacts simultaneously in 
more than one way. These are termed parallel or concurrent reactions. For 
example, nitration of phenols gives ortho-, meta- and para-nitrophenols 
simultaneously. Some examples of such reactions are given below: 


ky 
7—2: 2K Ci 30» 


6КС1Оз eee 
—— > 3KCIO; + KCI 
kı 
> C2H4 + НО 
ka 
CoH5OH — CH3CHO + H2 


k 
25 @HsOGHs + ЊО 
к, 


-> СеН5СН2СІ + НСІ 


CcHsCHs + Ch | 
р 


/€H» 
Сена + HCl 
Cl 
Let us consider a schematic reaction: 
kı 
———>B i 
? (i) 
ka 
е (ii) 


in which substance A decomposes to give two products B and C with 
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different rates and follows a first order kinetics. The product that predomi- 
nates in the overall reaction will depend on its speed. 
The rate of reaction (i): 


dx oA 
a ca x) 


The rate of reaction (ii): 


dx2 
ARNES OR 
d k2 (a ) 
where x1 and x2 are the number of moles of substance B and C at time /. 


The overall rate of disappearance of A is the rate of conversion of A into 
B and C in both the directions. Thus we have: 


dx _ du, дж 
dt dt dt 
= kila — x) + (а — x) 
= (ki + ka — x) (7.26) 
Equation (7.26) can be integrated, which yields: 
© ах = (ki + ka) | dt 
or —]1n(a —x)-(ki--k)t--c (7.27) 
Putting the condition, when 1 = 0,x-—0 
C= —]na 


Introducing the value of C in Eq. (7.27), we get: 
= (a — x) = (ka + k2t — Ina 


or (kt + k) = dig —2 (7.28) 
йа с 
Equation (7.28) is a typical first order kinetic equation. The value of k can be 
found by determining the change in concentration of A with time. But the 
separate evaluation of kı and k2 can be done as follows: 
At any moment, 


Rate of formation of B = Ka х ki 


Rate of formation of C kx(a — wake, 2 


But the ratios of their concentration at an 
ki 
k2 


y instant, would equal the ratio 


Amount of В at any stage — 4 e 
Amount of C at any stage ^4; 2 
Thus if the amount of B and C is determined 


: at any suitable stage, say 
at the end ofthe reaction, Z w 


ould be found. Since & and Z are both 


Kinetics of Complex Chemical Reactions 131 


measured experimentally, individual rate constants ki and k2 can be 
evaluated. 
For two irreversible bimolecular reactions occurring simultaneously, we 
get: 
dx 
a= (ki + Ко)(а — х)(Ь — х) 


which on integration under the condition, x = 0, at ¢ = 0, yields: 


as b(a — x) 


ki + k2 = G= Dk In =) (7.29) 


Thus Eqs. (7.28) and (7.29) enable us to find the sum of rate constants. 


Consecutive or Sequential Reactions 


These reactions are ones that proceed via the formation of an intermediate. 
An example of such a reaction is the decay of a radioactive family, such as, 


239 B- 239 8- 239 
Une Np nuda Pu 
92 235 min 93 235 days 94 


Other examples include (1) the hydrolysis of esters of dibasic acids with an 
alkali (2) decomposition of dimethyl ether in the gaseous phase and 
(3) decomposition of ethylene oxide. 


,/CO00CHs 


+ CoHsOH 
NCOONa 


k 
(1) C3H4(COOC:H3); + 2NaOH > C2H4 


k, 
-- NaOH — C?H4(COONa); + 2C2HsOH 
k 
(2) CH3OCH; > CH4 -+ HCHO 
kı 
HCHO -> Њ + CO 


k ke 
(3) (CHO — (СН:СНО) = СН; + CO 


Let us consider the consecutive pair of first order reactions with specific 
reaction rates ki and k2. 


(a—x) (x-y) y 
If a is the initial concentration of A, and (a — x), (x — y) and y denote 
the concentrations of A, Band C respectively at time t, we have: 
a=(a—x)+(e—y) +y (7.30) 


The characteristics of this type of reactioncan be obtained by setting up 
the rate equations for the formation and consumption of all three species. 
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Thus the rate of disappearance of A, 


ФАТ _ 
da К^ [A] 
= ЕЭ М ГР 
“a = Ка — х) 
On integration, we get: 
(a — x) = ае (7.31) 


The intermediate B increases on account of the consumption of A, but it 
also decreases by decomposition into the product B. Thus the rate of de- 
composition of B into C is given by: 


462) Жы = the rate at which В accumulates in the system, 
de 2 0 
ог = the rate of formation of B—rate of decomposition of B. 
= kila — x) — k(x — y) 
= аек“ — k(x — у) 
Or ас — » + (х — y) = kiae-hit (7.32) 


By putting (x — у) = 2, Eq. (7.32) becomes: 
Z + 02 = аек (7.33) 


Equation (7.33) is a linear differential equation of the first order. 
Multiplying both sides by еба, we get: 


= e! + kyZelat — уде Mt. оки пао) (7.34) 


As the left-hand side of Eq. (7.34) is the total derivative of the function 
Zelt, we get: 

[Ze] = kiaelki-k)t 
On integration: 


kia 
Геки = Du еба): -- constant 


when / = 0, Z = 0, 


kia 
k2 — ki 


constant — 
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and Дек“ = iS gal os 
Or Z ms [^ ET ] 
Or (х—у)=7 = m (git оки) (7.38) 
Substituting the value of x from Eq. (7.31) into Eq. (7.35) 
y=a(l -- ет) —!а = i (e à! — eksi) 
Ё аы ( Th = AE = i en) (7.36) 


Figure 7.1 illustrates the general appearance of the variation of concentra- 
tion of A, B and C. 


Concentration 


Time 


Fig. 7.1 Concentration—Time relationship for 
consecutive first order reactions 


In general, the concentration of A falls of exponentially irrespective of 
the fate of В. The intermediate B’s concentration rises from zero to maxi- 
mum, and then drops back to zero. The concentration of C grows until it 
reaches its limiting value when all A has changed into C. 


Maximum Concentration of B 
Concentration of B at any instant is given by Eq. (7.35): 


k 
urge egere d a wi (7.37) 


when maximum concentration of B is reached, 


d(x — y) we 


dr o 
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Hence, differentiation of Eq. (7.37) yields: 


d(x — y) kı к -ku 7.38 
a a EE (k2e H Метки) (7.38) 


Equating Eq. (7.38) to zero, we have: 


Кае Ка тах = [це max 


ог а= еба Ktmax 
In £1 — In k2 
or tmax = EE von el 
k 
or fmax = (==) nz (7.39) 


Substituting Eq. (7:39) into Eq. (7.37), we get: 


ka 
(x — y)max = a jpe 
The amount of intermediate B depends only on the ratio of the rates. The 


greater the value of k2/k1, the higher is the maximum. 


Important Conclusions of Eqs. (7.31), (7.35) and (7.36) 

Equations (7.31), (7.35) and (7.36) bring into focus two important points 
which are useful in the derivation of differential rate laws of complex reac- 
tions. These are (1) rate-determining step of the reaction, і.е. step with the 
slowest rate and (2) the steady-state approximation. 


1. Rate-determining step Let the rate coefficient kz in the consecutive 
reaction is very much greater than ki. Then the moment B is formed from 
A, it is converted into С. The rate of formation of the product C is then 


determined by the rate at which the B intermediates are formed. This is 
verified from Eq. (7.36) which is: 


= = dre skit ош — kat } 

= «hi HEP. (kae - ke kie- Fit) 
when k2 > ki, e- is very small in comparison to e-^'', and may be 
neglected. 
Hence, Eq. (7.36) simplifies to: 


radi gend 


= a(1 ~e!) 


Since ki in the denominator may be neglected when kı < k2. 

This equation reveals that the formation of product C depends only on 
the smaller reaction rate constant, Thus we conclude that when one of the 
reactions is very fast compared to the other, the reaction will simply follow 


the kinetics of the slower process. For this reason, the step with the slower 
rate is called the rate-determining step. 
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2. Steady-state approximation Мапу complex reactions can be handled 
mathematically by stationary-state or steady-state approximation. The 
assumption that the major part of reaction occurs with the reactive inter- 
mediates B at virtually constant concentration throughout the reaction is 
called steady state approximation. 

Mathematically, the steady-state approximation can be written as: 


d[Bl] а(х у) 9: 
dt dt ш! 


Since the intermediate is in a steady state, the rate equation for В reduces 
to: 


0 


КА] — kB] = 0 — 


so that: [B] = i [A] 
2 
and since, 
[A] = ае“ 
[B] = a: T. еси (7.40) 
Also 
MIG) күү ыл КА eir 
ЖК 1B] 2« a 75 e 
Or 
MOI L as kyo“! = [А] (7.41) 


Equation (7.40) indicates that the intermediate B is very reactive compared 
with the original reactant and its concentration remains low. It can also be 
seen from Eq. (7.40) that the concentration of B is not a constant, but 
decreases with time. Because the intermediate B has a small value, the 
approximation 


d[B] 


— =90 


dt 
is still a good one. 


7.2 CHAIN REACTIONS 


A chemical or nuclear reaction which proceeds through a sequence (chain) 
of self-repeating steps initiated by a suitable primary process is called a 
chain reaction. Here an active species consumed in one step is regenerated 
in a cycle of reactions before the final product is formed. Examples of 
chemical chain reactions are oxidation processes, combustion, explosion, 
cracking, polymerization etc. These are the reactions which show certain 
features and are easily explained by the chain mechanism. 
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Characteristics of Chain Reactions 


1. The rates of chain reactions are markedly affected by exposure of the 
reaction mixture to radiation of a certain wavelength. In this process one 
of the reactants might absorb a photon, for example, from incident sunlight, 
which leads to dissociation. 

2. Some chain reactions are followed by an induction period before any 
measurable change in pressure or concentration occurs. The rate of such 
reactions may increase rapidly or slowly depending on the type of reaction 
as illustrated in Fig. 7.2. Curve I represents a typical non-chain reaction. 
In the oxidation of hydrogen sensitized by NO» or NOCI, an induction 
period of 2 or 3 min is observed. 


* 2(EXPLOSIVE CHAIN 
REACTION WITH 
INDUCTION PERIOD) 


1 (NON CHAIN 

Lm REACTION) 
NO 3 (SLOW CHAIN 
э ЄС REACTION) 


INDUCTION Ше t 
PERIOD FOR CHAIN 
REACTION 


Fig. 7.2 Chain reactions 


3. The speed of a chain reaction is greatly affected by the traces of other 
substances. It may accelerate or retard the reaction. For example, the rate 
of photosynthesis of phosgene is reduced considerably by the presence of 
nitrosyl chloride. 

4. The rate of chain reaction is also affected by the material from which 
the reaction vessel is made, its shape and the history. Generally the rate of 
reaction is retarded on decreasing the surface dimensions of the reacting 
vessel. Under certain conditions, the rate of photochemical reaction between 
hydrogen and chlorine is proportional to the square of the diameter of a 


5. Inert gases accelerate the rate of chain reactions. 

6. Reactions are sensitive to inhibitors. 

7. Some chain reactions exhibit complex kinetics. The 
the fractional reaction orders. On the other hand, 
simple first order kinetics, 

8. Free radicals 


у very often show 
a few reactions do show 


and atoms have been detected in many chain reactions. 
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Chain Mechanism 

The reaction between hydrogen and chlorine under the action of light was 
one of the first chain reaction to be studied in detail. W. Nernst in 1913 
proposed a chain mechanism in order to explain the observations: In 1906, 
Bodenstein and Lind studied the kinetics of combination of hydrogen and 
bromine and found that it leads to a complicated rate expression. 
Christiansen, Herzfeld and Polanyi іп 1919-1920 gave a satisfactory expla- 
nation of the complex kinetics in the form of a chain mechanism. In 
general, a chain reaction can be analysed into four types of steps. 


1. Initiation The first step (the initiation) is postulated to be the creation 
of an “active” centre or reactive intermediates such as atoms, or free radi- 
cals from the ordinary molecules. 

2. Propagation The attacks of the highly active atoms or free radicals 
on the other molecules to produce new reactive species are called propaga- 
tion step. In this step, chain centres are continuously generated. 

3. Inhibition If the reactive species attacks a product molecule, the step 
is called an inhibition step. 

4. Termination Termination is the disappearance of "active centres" 
resulting in the termination or breaking of the chain. 


The chain can be terminated in a variety of ways. (1) Direct collision 
between the two reactive intermediates, (2) the reaction of the active species 
at the wall of the reacting vessel, (3) addition of some substance to the 
system which may react with the active species resulting in the stoppage of 
the reaction. For example, NO is one of the efficient radical scavenger. 
Quenching of the reaction by the introduction of NO in the system isa good 
evidence of chain reaction. 


Kinetics of Chain Reaction 


There are two types of chain reactions, namely stationary (or non-branched) 
and nonstationary (or branched) depending on the appearance of one or 
more than one chemically active particles. 

Since all the chain reactions are considered to consist of three main steps, 
viz. initiation, propagation, and termination, a general chain reaction may 
be represented as follows: 1 


ky 
M — R* (initiation) (i) 
ie ý 
M + R* — P + x R* (Propagation) (ii) 
ks 
R* —- destruction (termination) (iii) 


where M is the monomer (initial substance), R* is a free radical or reactive 
intermediate or chain carrier produced from the monomer and P is the 
product molecule. о is the number of chain carriers formed from each 
initial R* in a propagation step. The k terms are velocity constants. The 
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chain carriers may be destroyed in two ways either by colliding to the walls 
of the vessel or by direct collision with other radical within the gaseous 
phase. Thus Ёз is really the sum of two reaction constants, kg for gas 
phase destruction and kw for wall destruction. The concentration of a free 


radical, or intermediate or chain carrier can be determined by applying 
steady state condition. Hence, 


S A = ЫМ] + &« — D[R*TA] — kR*] = 0 
Y КМ] 
ог Ra Кз + ko [М](1 — о) 
i КМ] 
ог Rh eet житу үү OO) (7:42) 


Stationary Chain Reactions 


Generally in reactions, like that of H2 — Br» or decomposition of aldehyde 
etc., 


* = 1, and Eq. (7.42) becomes: 


kı [M] 
Вж] = ^Ш. 7.43) 
[R*] kw + kg ( 
Such types of reactions are termed as nonbranched or stationary chain 
reactions. In such cases the radical concentration is equal to the ratio of 
rate of formation of radical in the chain initiation step to the rate of 
destruction of radical in the termination step. 

A few examples of nonbranching chain reactions are discussed below: 

1. Hydrogen-Bromine Reaction As a first example, we take the reaction 
between hydrogen and bromine studied by Bodenstein and Lind in 1906 
over temperature range 200-300°C. The overall reaction is: 

Н + Вг > 2HBr 
and the empirical rate law is, 
d[HBr] — K[Hz][Br2]!/2 
4 7, BB (7.44) 
[Brz] 
y Christiansen, Herzfeld and Polanyi in 1919 
le clementary reactions. 


The mechanism proposed b 
follows the sequence of simp 
e kı 
(i) Bro —> Br + Br : initiation 
ka 
(ii) Br + Н — HBr + H : propagation 
k, 
(iii) H + Brz —> HBr + Br 


n ke 
(iv) Н + HBr — Ho + Br : inhibition 
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ks 
(у) 2Br —> Вг? : termination 


In this scheme Br-atoms and H-atoms are the active short-lived inter- 
mediates and must have a low concentration. The steady-state concept can 
be applied to obtain the rate law from this mechanism. 


AE — вина) — kal HIIBra] — kal [HBr] = 0 (7.45) 
dBA L кви] + af HOEB + Re(AILABr] — Aor] 
—ks[Br? = 0 (7.46) 
Adding Eq. (7.45) and Eq. (7.46), we get: 
[Br] = {6 ів (7.47) 
ks T р 


апа from Eq. (7.45), we have: 
и Ко|Вг][Н2] 
ЇН] = во) + kal HBr 
1 _ Kal ks)! PLH2] Bra]! 2 
9r [H] = тв] + kal HBr] 


Now HBr is formed in reactions (ii) and (iii) and disappears in reaction 
(iv). So the net rate of formation of HBr is given by: $ 


(7.48) 


ан = Kka[Br][H2] -+ KsLH][Br2] — Ка[Н][НВг] (7.49) 


From Eq. (7.45), we know that 
ВІН] — Kx[HILHBr] = kal H][Bre] 
Substituting this in Eq. (7.49), we obtain 
НВ] xig LB] 
Substituting [H] from Eq. (7.48) to the above expression, we get, 


d[HBr] — ,, ( kalki/ks)' {Hall Bral!? \, 
dt a ks[Brz] + kal HBr] LS 


Dividing both numerator and the denominator of the above equation by 
ka[ Bro], we get: 


dLHBr] _ 2kə(kı/ks)" ^Ha] Bra]? 


dt qa k4L HBr] 
Кз[Вгә] 
Ч[НВг] _ K[Ho][Brz]'/2 
or ЖР ТК EDIT beo 


[Bra] | 
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where k = 2kalka/ks)!? 
and k' = kalks 


In the initial stage of the reaction, the overall order of reaction is 1.5. At 
the initial stage of the reaction HBr is negligibly small and, hence: 


7 VBC] oe 
1+k [BE] 6 1 
and the initial rate becomes: 
CBE — навет (7.51) 


Equation (7.51) is identical with the empirical equation (7.44) given by 
Bodenstein and Lind. б 

2. Hydrogen-Chlorine reaction Та hydrogen-chlorine chain reaction, 
which is similar in behaviour to the hydrogen-bromine reaction, the initial 
step is the appearance of chlorine atom by. momentary exposure of the 
system to sunlight or introduction of metallic vapours such as sodium. The 
sequence of simple elementary reactions is given as follows: 


O С + Av — 2CI (reversible) : initiation 
or Na + Ch —> NaCl + СІ 
(ii) Н + Cl — НСІ + Н (slow) : propagation 
(iii) Н + Ch —> HCl + СІ (fast) 
(iv) CI + wall —> 1/2Ch : termination 


(v) CI + с + M — Ch + M 


In step (v), M represents a third order body that is capable of absorbing 
the energy released as the CI—CI bond is formed. 

The reaction rate is markedly affected by the presence of a foreign sub- 
Stance such as moisture and oxygen, glass or silica and the specific surface 
area of the container. 

3. A comparative study of the reaction between hydrogen and halogens It 
is observed that H2—Clo reaction is a fast, often explosive, chain reaction, 
the reaction between hydrogen and bromine is relatively slow and the 
Ho—1L reaction, a bimolecular one, does not follow a ch 
These widespread differences in kinetic behaviour of such ch 
could be discussed in the light of relevant dat. 

Table 7.1 reveals that an iodine molecu 
free atoms or radicals than bromine or chlorine molecule in an initiation 
step. Hence it would be easier to start a H2—b chain reaction. But the 
essential feature of a chain reaction is а series of first propagation steps. The 
activation energy for the first Propagation step of H2—I> reaction is 
142 kJ mol“! which is very high compared to that of Ha2—Br» or H2—Cl2 
reaction. Thus the H2—T» reaction is likely to be slow in comparison to the 
other two halogen reactions. In fact the experimental activation energy of 
the first propagation step of H2— Ip reaction is as high as the experimental 


ain mechanism. 
emical reactions 
a given in Table 7.1. 

le requires less energy to form 
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Table 7.1 Some approximate activation energies for elementary steps of hydrogen— 
halogen reaction 


E, kJ mol 
Reaction 

H4—Cl. H,—Br, 
X + H, = 2HX 209 171 167 
(For overall reaction) 
х, = 2X 242 188 146 
(Initiation step) 
X +H. = HX +H 25 75 142 


(First propagation step) 


activation energy of the overall reaction and, hence, it follows the easier 
path and proceeds by a non-chain mechanism. The Н: —/І2 reaction falls 
between the H2—Cl» and H2—Iz2 reactions. 


Free Radical Reactions 


There are reactions in which the chain may be initiated by the appearance 
of free radicals such as CHÌ, CH? or CH3CO? etc. The existence of free 
radicals was first detected by Paneth and Hofeditz in 1929 from the dissocia- 
tion of lead tetramethyl by the metallic mirror technique. 

The vapours from the readily volatile lead tetramethyl taken in an 
evacuated container (Fig. 7.3) are carried by the hydrogen gas at low pres- 
sure into the tube AB, maintained at about 500°C. The gases are taken out 
by a high speed vacuum pump at end B. A movable furnace surrounds the 
tube AB. When the furnace is at the point X, a lead mirror was found to be 
formed near X due to the decomposition of Pb(CH3)4. When the furnace 
was moved to point X', a new mirror is deposited at the point X' and the 
mirror at the point X disappears. Obviously the free methyl radical formed 
in the hot tube reacted with the lead. 

Rice, Herzfeld and others explained the kinetic laws governing many 
organic reactions on the basis of chain propagation through the free 
radicals. 


TO PUMP 


MOVABLE FURNACE 


Pb (CH3)s 


Fig 7.3 Detection of free radicals by metallic mirror technique 


142 Basic Chemical Kinetics 


An example of a reaction proceeding by a free radical mechanism is the 
gaseous decomposition of ethane. The reaction, 


C2H6 = C2H4 + H2 
has been experimentally observed to be of the first order, i.e. 
. d[CoHe] 
dt 
Since free radical has been detected in the reaction, the following mecha- 


nism has been suggested by Rice-Herzfeld to account for the observed 
results. 


= Kk[C2Hel (7:52) 


kı 


(i) C2H6 —> 2CH3 : initiation 
ke | 

(ii) CH3 -+ СН —> CH4 + CoHs : propagation 
Ks 

(iii) C2H; —> C2H4 + H^ 

ks 

(iv) Н" -+ C2H6 —— Ho + C2H5 
ks 

(у) H +CH; —- СН : termination 


The rate of formation of ethylene in step (iii) is: 


deai] = ks[Cans] (1.53) 


Applying the steady state approximation to these intermediates (CH;, 
CoH; and H^), it may be assumed that: 


d[CH3] d[C2H3] Н`] 
di 0, di = 0 and 73 =0 
and i 
абы! = 0 = 2к[СәН6] — k[CH;[C2H6] (7.54) 
он = 0 = Ka[CH3][C2He] — K3EC2H5] ++ kal HCH] 
— ks[H'][C2H;] (7.55) 
d[H] 


di 0 = Аз[С2Н3] kal H'][C2He] — kslH"][C2H5] (7.56) 
The Eq. (7.54) gives: 
[CH3] = 2ki/ko (7.57) 
and Eq. (7.56) gives: 
[H] ks[C2Hs] ы 
kslCoHe] + ks[C2Hsl 


(7.58) 
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Substituting the value of [СНз] and [H'] in Eq. (7.55), we get: 


re (E )rena — ксн] + (kal CoHe] — ks[C:H;]) 


"ЖЄН |) 
Б. + ks[CoHs] ) Wie) 
or ksks[CoHs? — kiks{[C2HellC2Hs] — kiks[CoH6]2? = 0 (7.60) 


Equation (7.60) is quadratic equation and solving for [C2Hs], we get: 


A 11273 AA БЕ 
CH] = kiks + Мк? + Akskskika [CoH] 
2ksks "an 


Substituting this equation in Eq. (7.53), we obtain: 


d[CsHa] _ kiks + VI + 4kskskika 
асы... ue 4kskskika [C2H6] = K[CoHd] 


where, 


kiks + V ЕЗ + akikakaks 


k 2ks 


The above expression may be simplified by ignoring (1) lak$ in comparison 
to 4kikskaks, (2) kiks in comparison to (4kikskaks)!?. as the chain-initiation 
step is а slow step and the rate constant ki has a very small value. Thus, 
7 1/2 
S (AB) 
ks 


Hence, the conclusion is: 


ЇЇ СН] _ (е о 
ан 4 e m) [CoH] 


which is in accord with the observed first order kinetics. - 
Similar radical chain mechanism explains many other reactions, such as 
the decomposition of acetaldehyde, namely: 
CH3CHO —> СН; + CO 
The observed rate law is: 


d[CH4] 
dt 


= k[CH3CHOJ2 (7.61) 


The chain mechanism is initiated by the form 


ation of a methyl radical 
which follows the step as: 


ky 
(i) CH3CHO —-> СНз + CHO: 
^ ka 
(ii) СНз + CH3CHO —> СН; + СН›СНО: 


: initiation 


: propagation 
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Ks 
(iii) CH;CHO* —> CO + СН? 
ka 
(iv) CH? + CH? — СНз : termination 
With the aid of the usual steady-state approximation, it can be shown, 
diCH4 __ Gy 3/2 7.62 
dii kə ka [CH;CHO] (7.62) 
or aC) L щсн›снор? 


which is in accord with the required rate law. 


Polymerization Reactions 


Polymerization is the reaction of combination of several molecules (mono- 
mers), not accompanied by the formation of by-products and involving no 
change in elemental composition. 

Polymerization can be broadly classified into the following classes: 

1. Addition polymerization Here the monomeric units are successively 
added to form a long chain of repeating units. The addition may be at an 
active free radical end or at an ion. 


R' + CH2—CH2 ——> RCH2CH2 
OH- + CH2—CH2 —-> HO—CH2—CH2—O7- 
КоЛ 


CHa——CH» 
bn d 


| 
+ HO—CH2—CH2—CH2—CH2—O~ 

2. Condensation polymerization Combination of several molecules of 
like or unlike structures accompanied by removal of a small molecule 
(H20, НСІ, etc.) as in many organic condensation reactions. For example: 

nHO—R—OH + 1HOOC—R'—COOH ——> 
HO—[R—O—C—R'—C—OH], + (п — 1)H20 
y ll 
о о 
A good example is the formation of nylon ог terylene. 

Polymerization reaction can also be classified on the basis of kinetics. 
Thus condensation polymerization is also described as step-wise polymeriza- 
tion. Step-wise polymerization is the combination of several molecules by 
step-wise addition of monomer molecule to one another as a result of the 
migration of some mobile atom from one molecule to another. 


Kinetics of Addition Polymerization 
Addition polymerization reactions are usually chain reactions and are des- 
cribed as chain addition polymerization or simply chain reactions. 
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Chain polymerization is characteristic of compounds with multiple bonds, 


ер QA CH2= СН», (CH3C — CHx(isobutylene) 
CH2— CHCI(Vinyl chloride), CH2—CH», etc. 
“ 


In a typical chain polymerization, each polymer is formed in а сот- 
paratively short time, and then is “dead” and remains unchanged by the 
reaction of remaining monomer. 

The chain polymerization reaction consists of three main steps: 

1. Activation or initiation of monomer molecule It is the creation of an 
“active” centre such as a free radical, carbonion or carbanion ion. 


o 

о 

i il D id 
О) с—о—с — 2 


Benzoyal radical (R) 


Thus each initiator molecule decomposes to give two free radicals indicated 
by a dot (). With rate constant kı, the decomposition reaction may be 
shown as: 


k 


г> 2R 
The rate of formation of free radical will be given as: 
di] 4; 
rub Alt) (7.63) 


2. Propagation It is the addition of a free radical to the double bond 
of the monomer, thus producing a new radical. This addition Process conti- 
nues by the addition of more monomer to the growing chain end—usually 
very rapidly to final molecular weight. 


ky 
CH2=CHX + R* ——> RCH2CHX’ 
RCH2CHX’ -+- CH2- СНХ —- R(CH2CHX’), 
and so on. Thus in general, 
R' + M——> RM’ 
RM’ + М —— КММ: 
RMM' + M — RMMM* 
The rate of propagation is given by: 
d 
-iM = [КММ] (7.64) 
3. Termination It is the disappearance of the active centre. In this step 


the radical is destroyed and a dead chain is formed. Termination may occur 
by the combination of two polymerized radicals, i.e. 
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k 
R(CH2CHX); + (CHX—CH32)R Drd R(CH2CHX),,;—(XCHCH2)»R 


or in general, 


RM; + RM; — RM;M;,R 
and the rate of termination will be 
d[RM:] _  d[RMj] 
dt dt 
Factor 2 is introduced as two chains are destroyed simultaneously in each 
termination step. 
Since the concentration of radical is very low, the ratios of initiation and 


termination are equated using steady-state approximation. 
Thus, 


2Юю[®М`]? (7.65) 


Rate of initiation = Rate of termination 


КП = 2k[RM ER 
р ki 1/2 
or [RM] = (Sm) 
Substituting [RM'] into Eq. (7.64), we get: 
d[M 1/2 
-M _- (A) "menn (7.66) 


Thus the rate of polymerization which is taken as the same as the rate of 
propagation is found to be first order with respect to monomer and half 
order with respect to initiation concentration. 

Thus, 


Rp © [MILI]? (7.67) 


Validity of Eq. (7.67) Equation (7.67) is only valid when: 
(a) Monomer units combine in a **Head-tail* sequence, e.g. 


CH2 Time Ta sila i 


X X X 


(b) The growth of a chain is terminated by coupling. 
(c) Autoacceleration is absent. 


Kinetic Chain Length For chain polymerization, kinetic chain length, v, is 
defined as the number of monomers used per active centre and, hence: 


y= X,-QUPproduc]/dt + _ d[reactant]/d: 
d[initiation step]/d: dlinitiation step/dt 
= Kalka/2ks)'?(1)7[M] 
К 


юп М 
— (Оййз)!? [n (7.68) 
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Thus, degree of polymerization increases with concentration of monomer 
taken and decreases with initiator concentration. 


Nonstationary Chain Reactions 


Nonstationary chain reactions proceed through a chain mechanism which 
consumes one free radical and produce more than one free radical. Such a 
process is called a Branching chain one or non-stationary one. The process 
can be best understood by considering the Eq. (7.42) which gives: 


9t КҮМ] 
kw + kg + КО[М](1 — a) 


[R] (7.69) 
If« > 1, i.e. steps which produce more radicals or chain carriers than they 
consume, the result is that the concentrations ofthe active free radicals will 
increase rapidly with time. Consequently, the rate of the process in the 
initial period of time will grow. Eventually, a critical state may be reached 
so that, 


ЮМ] — à) = —(kw + kg) (7.70) 


thereby making the denominator of Eq. (7.69) zero. Thus the radical con- 
centration becomes infinite. Since the reaction rate is proportional to the 
concentration of the radicals, the reaction occurs instantaneously and an 
explosion occurs. 

An example of a branching chain reaction is the hydrogen-oxygen reaction 
which is now believed to follow the mechanism. 


(i)  H24- 02 —— НО + Н: : initiation 
(ii) H2 + HO? —— НО + H20 : propagation 
(iii) Н + НО —— H' + ЊО 

(iv) H + Ол НО ГО; : branching 
() © +H:—>HO +H : branching 


In the elementary processes (iv) and (v) we find that from each atom of 
hydrogen, two radicals are produced which propagate the chain. If the rate 
of branching reaction is greater than the rate of termination reaction, the 
amount of chain carriers grows steadily and an explosive reaction would 


occur. 
In these reactions there are some striking features. The occurrence of an 


explosion depends on the temperature and pressure of the reacting system. 
In general, three explosion limits are observed as the pressure of the system 
decreases during the course of the reaction. 

Below a certain pressure, the reaction proceeds slowly and smoothly. 
Here the diffusion of carriers to the walls of the vessel is rapid and hence 
kw has a large value. So long as kw + kg > [М] — 1), i.e. Tate at which 
these radicals are destroyed is greater than the rate of its formation, the 


reaction proceeds smoothly without any explosion. Then a limit of pressure 
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is reached when fewer carriers reach the wall and a condition for explosion 
is reached, i.e. 
ЮМ} — 1) = kw + ke 

This gives the first explosion limit. The explosion continues over a range of 
pressure. If the pressure is further increased gradually, kw will fall and kg 
will increase and it becomes so high that the system passes through a second 
explosion limit. 1 the pressure is raised still further, the reaction continues 
to proceed at finite rate. The temperature of the system continues to rise as 
it cannot escape from the system. Consequently the rate of reaction rises 
and the reaction reverts to an explosion. This gives the third explosion limit 
and is entirely due to thermal effects. 

Figures 7.4 and 7.5 illustrate the three explosion limits of a branched- 
chain reaction. 


2 
о 
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є о o a 
т жа о >< 
wo Е a > ш 
E о x< o 
є © x 
> 1 
ә П 
l | 
i i 
1 I 13rd 
| tet | 2nd 1 EXPLOSION 
I f I LIMITS 
————————— АЦ 
P, Р, Р 


Pressure ———3» 


Fig. 7.4 Variation of rate with pressure (Explosion limits) 
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Fig. 7.5 Explosion regions for the reactions 
of the type, Н, + О» 
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WORKED EXAMPLES 


Example 7.1 In the following reaction scheme, write the rate equation for 
the removal of species A, B, C and D in differential form. 
k 


Step I: A+B—>C+D 
k 

Step 2: C+D. > A+B 
Ks 

Step 3: C+B— E+ 
ka 

Step 4: 2D —> Е 


Solution The reactant A is removed in step I and regenerated in step 2. 
Therefore, 
_ ЧА] 
"d 


The reactant B is removed in steps 1, 3 and formed in step 2. Therefore, 


= Ki AILBI — Kx CILD] 


-48L = la[AJLB] — k:[C]LD] +- АСВ) 
In a similar way for species C and D 
-IA = СИЮ] + АСВ] — kil AJ[B] 
ы 4р1. 


= ЮСЮ] — КАВ] — ks[C]LB] H- 2K4[ DP? 


Example 7.2 Calculate Kr, ko and К for the given reaction A = B. Given 
that initial concentration of A = 0.15 M, concentration of B at time t is 
0.056 M and equilibrium concentration of B = 0.064 M. 


Solution Using Eq. (7.8) 


Xo 
kp = 20. In > 
at Xo— х 


Since a = 0.15 M, xo = 0.064 M and x = 0.056 M. 
Substituting these values in Eq. (7.8), we get, 


ke = LO064 у __0.064 
0.15x 10. 0,064— 0.056 
_ 0.064 | 0.064 
L5 “0008 
= 0.088 s~! 


Now equilibrium concentration of B = 0.064 M 


‚_[В] _ 0.064 M_ 


== '@. 
= [д] = 0086 М 0744 


+ 
150 Basic Chemical Kinetics 


and 


ko K 


0.744 


_ kr _0.088 5-1 


= 0.1182 s^! 


Example 7.3 Isopropyl chloride hydrolyses in aqueous media. Two mecha- 


nisms are proposed as given below: 


CH; AK CHs 
Усна HN Усн» + CI- (Slow) 
CH3 CH3 
(A) 
CH; CH 
NCH + он- —> Уснон (Fast) 
CH;^ CH3 
(В) 
CH» ks CHa, 
DCHCI + он- — ` “уснон + Cr 
CH; CH 


How will you write the expression in order to calculate kı and k2. 


Solution The rate expression for the total disappearance of isopropyl 
chloride can be written as: 


ФАТ кА] + КАЛВ] 
агат уе 
ог Гаал: ki + ЮВ] 
or din А] = ki + ЮВ] 
dt 
A plot of — ZA] against [B] will give a straight line. The slope gives 


k2 and the intercept gives kı. 


Example 7.4 At 441.5°C, the experimental first order rate constant (Kobs) 
for the gas phase decomposition of t-butylprop-2-yl ether. 


p A (CHC = CH; + (CH); CHOH 
‚ (B) 
(CH); COCH(CH) d 

(A) 1 


N(CH) = CHCH; * (CHs)sCOH 
) 


was found as 3.02 x 10-4 s-!, The product analysis gave the [Propanol)/ 
[Butanol] = 5.10. Calculate the values of k1 and ko. 


Solution 
Коз = ki + k2 
alid Amount of B at any stage _ kı 
Amount of C at апу stage kz 


[Propanol] 
[Butano] — 5:10 = 


ki 


k2 
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Thus, 3.20х 1074 57! = ka + ka 


or 


and 


3.20 10-4 s^! = 5.10k2 + k2 
3.20X 10-4 5—1 = k2(5.10 + 1) 


320 1Q-45-1 = f 
6.10 ^!0 571 = k 


k2 = 0.524 x 10-4 5-1 
3.20 x 1074 s7! — 0.524Х 10-4 s~! = kı 
ki = 2.676 X 1075 $7! 


PROBLEMS 


. For the hypothetical reaction 


5А + 8B —> 6C + 12D 


Write the rate equation in terms of disappearance of A and B and appearance of 
Cand D. Assume that the reaction is first order with respect to both A and B. 


. For the reaction 


ke 
АВ 
ky 
The percentage of the reactant A varies with time as given below: 


Time/hr 0 1 2 3 4 
AIA 100 72.5 56.8 45.6 39.5 30 


Calculate kp, kp and К. 
[Ans. kp = 9.74% 1075 5-1 
ky = 4.18% 1075 571 
К = 2.333) 


. Gas phase isomerization of cis and trans-]-ethyl-2-methyl cyclopropanol at 425.6°C 


gives a result of kops = 6.29 107* 5-1, If K = 2.79, calculate kp and ky. 
(Ans. Kg = 4.63x 1071 5-1 
Къ = 1.66% 10-4 5-1) 


. The reactant A undergoes three first order parallel reactions to give three products 


B, Cand D. Write the expression for the rate equation of each species, 


. The mutarotation of z-bromonitrocamphor at 285 К was followed by measuring 


the optical rotation. If the initial angle of rotation (ag) and angle of rotation at 
equilibrium position (а,) are 189° and 31.3° respectively, calculate kc + ky from 


the data given below: 


tihe 3 5 7 24 2 
a,/deg 169.0 156.0 146.0 84.5 37.3 


(Ans. 0.0482 hr-* 
kg = 1.794x 107° mol-! st 
Къ = 1.293 x 107* $31) 


. The chlorination of t-butylbenzene in acetic at 25°C is second order reaction. The 


observed value of overall second order rate constant was found to be hops = 
1.35 х10-* mol“! s. The product analysis gave the ratio of ortho, meta and para 
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- For the consecutive first order reaction 


as 21.5 : 2.3 : 76.2 per cent. Calculate the value of ortho Kmeta and Kpara for the 
above reaction. 
(Ans. ko = 0.29 10-4 mol-t 5-1 
km = 0.03 10-4 molt 5-1 
їр = 1.03 х 10-4 то]-1 si 


ky ky 
А — В — С 
The values of k, and К, are 45 5-1 and 15 5-2 respectively. If the reaction is carried 
out with pure A at a concentration of 1.0 mol, (а) How much time will be 
required for the concentration of B to reach a maximum? (b) What will be the 
maximum concentration of B? (c) What will be the composition of the reacting 
System after a time interval of 10 min? 
(Ans. (a) 1325 
(b) 0.58 mol-1 
(c) [A] = 0, 
[B] = 0.12 mol- 
[C] = 0.88 mol-* 


- Suppose that in an industrial batch Process a substance A produces the desired 


Product B which goes into decay toa product C, each Stage of the reaction being 
first order. If the initial concentration of the substance A is 100 mol and relative 


rate constants ky :k,::1:0.15, Prepare a diagram showing the concentration of 
each species, 


‚ For a consecutive reaction of first order 


ky ka 
А — B — C 


the rate constant k, > kı. Show that 
[С] = [A]. — етй) 


and justify the statement that the reaction with a slower rate is the determining 
step. 


10. Apply the Steady-state approximation to the following reaction mechanism: 


11. 


12, 


ka 
I— Products 
where I is a reactive intermediate. 
(a) Plot the concentration of ^, B, C as a function of time for ky=1s7,k, = 
0.25 5-1, Assume that initially 


[B], = [Ch = 0 


(b) On the same graph, plot the concentration of A, B, C for kı = 1571 and ka = 
2x10 57%, Justify the steady-state approximation using the graph. 
(c) How much time will be required for the [B] to reach a maximum? 


classified as follows: 


(a) Chain initiation step 

(b) Chain propagation step 

(c) Chain inhibition step 

(d) Chain terminating step. 

Taking a suitable example, explain the above Steps. 


— 


| 
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13. A reaction has the following mechanism: 
А > К' 


k; 
R’ + destruction 
If ks = ky + kg, prove 
КА] 


Теа + ky th, 


14. The mechanism for the decomposition of CH;CHO is given below: 
снсно“ “CH; + ‘CHO 
"СН, + CH;CHO a CH, + ‘CH,CHO 
*CH,CHO i "CH; 4- CO 


ka 
‘CH, + ‘CH; > CH,CH; 


E = k[CH;CHOJ'? 
where k= ka Gu) 
aks 


Show that the chain length is given by 


d[product] =í Ks 1/2 " 
d[initiation]/dr. — m [CH;CHO]' 


15. Polymerization of vinyl derivatives occurs as follows: 
ky 
С (Catalyst) > R’ 


k 
CH,=CHX + R: > RCH, CHX: 
RCH;-CHX + CHy=CHX -> R(CH,CHX)} 


k 
R(CH,: СНХ), + (ХНС.СН»)„ R = R(CH;:CHX),,—(XHC* CH;,R 
Show that 


_ ІСН, = CHX] р 


- (ё jj "Icioteg,- cux 
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Catalytic Reactions 


8.1 CATALYSIS 


It has been observed that the rate of a chemical reaction is altered by the 
presence of a foreign substance, called the catalyst. A catalyst is defined as 
a substance which accelerates the rate of a reaction and is recovered un- 
changed in mass and chemical composition at the end of the reaction. The 
phenomenon of rate acceleration, both negative and positive, is known as 
catalysis. Although the catalyst is not consumed, it does enter into chemical 
reaction but does not appear in the overall reaction. Thus a catalyst is used 
up in a chemical reaction but is subsequently regenerated and, therefore, 
does not appear as a catalyst in the stoichiometric equation. Some familiar 
examples of catalysis are given in Table 8.1. 


Table 8.1 Some familiar examples of catalysis 


Reactions Catalyst Type 
2S80,(g) + O.(g) > 25О,(в) NO Homogeneous 
2H,0,(aq) > 2H,0(I) + Os(g) MnO», Homogeneous 

colloidal and 
Fe(OH);, heterogencous 


catalase and 
other enzymes 


2HI(g) > Н,(в) + I,(g) Pt Heterogencous 

CO(g) + 2Hs(g)  CH,(g) + H4O(g) Ni/CO Highly specific 

CO(g) + 2H,(g) + СНОН(1) ZnO/CrO, ] reaction 

2N,(g) + 3H,(g) > 2NHs(g) Fe(V) Heterogencous 

or Fe(K) 
CH,COCH,(aq) + I; (aq) > H* (aq) Autocatalytic 
CH,COCH,I (aq) + Н+ + I- 

2MnOj (aq) + 16 Н+ (aq) + 5H,C.0, (aq) Мп+ (aq) Autocatalytic 
-> 2Mn** (ag) + 10CO, (в) + 8H,O(1) 

3Cu(s) + 8HNO() > (NO) Autocatalytic 
3Cu(NO;).(I) + 4H,O(I) + 2NO(g) 

R—COOR’ + H,O > RCOOH + R'OH Ht (aq) Homogencous 


Ortho-para conversion, isotope exchange of hydrogen, molecular rearrange- 
ments, inversion of sugar, hydration of unsaturated compounds, reactions 
of carboxylation and decarboxylation, hydrolysis of acetal bonds in simple 


molecules and high molecular compounds can also be attributed to this kind 
of reactions, 
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In most of the cases the rate of reaction is a function of catalyst 
concentration. 


8.2 CRITERIA OF CATALYTIC REACTIONS 


Catalysed reactions have some general characteristic compared to uncataly- 
sed reactions and are characterised by the following criteria. 

1. A catalyst remains unaltered in amount and chemical composition at 
the end of the reaction, although its physical form, such as particle size or 
surface, may be modified. 

2. A small amount of catalyst is often sufficient to change the rate of a 
reaction For instance 107? gm ions/litre of Cu** is sufficient to cause a 
noticeable change in the rate of oxidation of sodium sulphate by oxygen in 
an aqueous solution: 

2Na2SO3 + O2 — 2Na2SO4 

3. A catalyst cannot initiate a reaction It can only accelerate or retard 
the speed of a chemical reaction by changing the mechanism, thereby decrea- 
sing energy of activation. It functions as an agent to find an alternative path 
for the process. 

4. A catalyst does not displace the position of equilibrium in a reversible 
reaction The Gibbs free energy change (4G) is a state function and is thus 
independent of the path of transformation. In standard condition: 

— 469 = RT ln K 
and —4G? remains constant whether it takes place in the absence or pre- 
sence of the catalyst. Thus the value of K, the equilibrium constant, is not 
affected. If a catalyst did displace the position of equilibrium, it would be 
possible to obtain work without a temperature difference in the system. 

As the final position of the equilibrium remains unchanged and К = ki/ka, 
the catalyst would increase the forward rate (kı) and backward rate (k2) to 
the same extent, keeping equilibrium constant the same. 

5. Every Catalyst has a specific action Catalysts are often very specific in 
their action. A catalyst which is good for one type of reaction may be 
ineffective in another. For example, 


[АҺО;) 
pee C2H4 + H20 А (dehydration) 
(a) онон 
[Cu] 
кес CHiCHO -h Hz (0еһуйговепіс) 
—570° 
[Ni] 
/————>©н+Н0 
(b) CO + HX 
3 Е: [ZnO] 
== CHOH 


(с) Enzyme reactions are very specific іп nature. 
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8.3 SOME TYPES OF CATALYSIS 


Traditionally, catalysed reactions are divided into two classes, namely homo- 
geneous and heterogeneous, depending on the physical state of reactants, 
products and catalysts. Homogeneous type of reactions are those in which 
the catalyst is in the same phase as the reactants. If the catalyst is in a diffe- 
rent phase than that of the reactants, the reaction is called heterogeneous. 


Homogeneous Catalysis 


In homogeneous catalysis the reaction occurs in one phase and the rate is a 
function of the catalyst concentration. Common familiar examples of such 
catalysis in the gas phase follow: 


І. Oxidation of SO? to SO; in the presence of NO in the chamber sulfuric 
acid process. 


2NO + O2 — 2NO2 
280» + 2NO» — 250; 4- 2NO 
2805; + O2 > 2805 
2. Decomposition of acetaldehyde in presence of iodine vapour. 
CH3CHO + D» -> CH3I + HI + CO (slow) 
СНз + HI > CH4 + [2 (fast) 
CH3CHO —> СН; -+ CO 


Homogencous catalysed reactions in solution are very common and arc 
mostly catalysed by acids or bases. Some examples are cited below: 


[H*] 
(a) Ci2H201: + Н: ——> CeHi206 +- C6H1206 
[H*] Glucose Fructose 
(b) CH3COOCH; + НО ——- CH;COOH -+ CHOH 
С НВг 
E 2H202 ——- 2H20 ++ O2 
je 
(d) * —.2Ce** + 282037 ——> 2Ce** 4- $4027 


Another example is the Ag* catalysed oxidation of organic acids by 
peroxydisulphate. 


Activation Energy in Catalysed Reactions 


A catalyst increases the rate of a reaction by providing an alternative path 
for the transformation. It diminishes the activation energy of the reaction 
and thus brings about an enhancement of the rate to a marked extent. The 
relation between the rate constant of any reaction and the energy of activa 
tion is given by the Arrhenius equation: 


К = А exp (— Ed RT) 
while for a catalytic reaction 
ke = A exp (— EJRT) 
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It is obvious that if Ec is less than Ea, then Kc will be greater than k. Thus 
a catalysed reaction has a lower value of Ea than the uncatalysed reaction. 
The effect of a catalyst on reaction rate can be best understood by the 


potential energy curve (Fig. 8.1). 


| ACTIVATION ENERGY 
FOR REVERSE 
REACTION 


Bear m 
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рэ ACTIVATION CATALYST 
>| ENERGY FOR 
5 | FORWARD REACTION 
Ea WITHOUT —> 


CATALYST 


Potential 


Reaction Coordinates — 


Fig. 8.1 Effect of catalyst on reaction rate 


Here the potential energy of the reacting system is plotted against the 
reaction coordinate. It is obvious that the values of E for the catalysed 
reaction are less as compared to that of the uncatalysed reaction, suggest- 
ing that the height of the activation energy barrier (dashed curve) is lower 
than the original (solid curve). This indicates a new reaction mechanism 
via a different activated complex. If the activation energy E is high, less 
chemical species can cross over the potential energy barrier and the rate of 
reaction will be slow. On the other hand if E is low, the pathway is more 
energetically favourable and the rate coefficient is large. The enzyme-catalys- 
ed reactions have very low values of the activation energy. 


Kinetics of Homogeneously Catalysed Reactions 


Consider a homogeneously catalysed reaction: 
(0 А+Сгх 
ky 
(i) X @=P+C 
where A is substrate, C is catalyst, P is the final product and X is the inter- 


mediate compound. 
The rate of formation of the product or the observed reaction rate is: 


арр? (sie 
а = ks [X] (8.1) 
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The concentration of X can be found by applying the steady-state condition, 


gp — 0 and 
ЧЧ — ki [AC] — ЫХ] — ЫХ] = 0 
= К[АЈС] — (k2 + Аз) [AC] 
ог [AC] = £L АЈС] (8.2) 


We substitute Eq. (8.2) in the expression for the observed reaction rate, 
Eq. (8.1), to find: 


d[P] _ kis 
Кай, NUES [АТС] (8.3) 
ог 2m = ke [AC] (8.4) 


where ke is called the catalytic coefficient. 

Equation (8.4) clearly shows that the rate is dependent on catalyst con- 
centration. For a given concentration of the catalyst, the observed rate con- 
stant is, 


Каз 
k2 + ks 


If k3 < ka, one can disregard it in the denominator of Eq. (8.5). Then: 


[С] (8.5) 


Коьз = 


M ыл 
Коз = y kslC] 


= k3 Keq [С] 


where Ka = A 
2 


Acid-Base Catalysis 
Adding an acid or base to a reaction mixture to accelerate the reaction is one 
of the most popular methods used in the study of mechanisms. This is known 
as acid or base catalysis. A large number of reactions, particularly in 
organic chemistry, are catalysed by either acidic species or basic species or 
by both. If the reactions are catalysed by H* ions only, it is known as 
specific hydrogen ion catalysis, whereas if any acid catalyses the reaction, 
it is termed as general acid catalysis. Similarly there are reactions which are 
catalysed by OH- ions only and are said to belong to the group of specific 
hydroxyl ion-catalysed reactions. If any base catalyses the reaction, it is 
termed as general base catalysis. 

In an acid-catalysed reaction, the first step is frequently thought to 
be the protonation (the addition of H*) to an atom with a high electro- 
negativity. 
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For example: 


o o 
-locn NEMO ome ON 
C2H5 
o o- 
cis ig > CHs-0—0*—H > CHACOOH + 
| оњ е A A 
н/о“ 


In base catalysis the first step is usually the removal of an “асїйїс? hydro- 
gen atom. For example, in the base-catalysed of acetone: 


CH3—C—CH2 + OH- > CH3—C—CH2 + H20 


| 
OH [0] 
slightly acidic 


CH3—C—CH2 -> СН: TT 


1 
о [on 


CH;—C- CH» + H20 > CH3—C=CH2 + OH- 
| 
O- OH 


Mechanism of Acid-Base Catalysis 

As we have already seen in previous section, the first step in the mechanism 
of acid-base catalysed reactions is a transfer of a proton from an acid to a 
substrate (S) or from a substrate (S) molecule to the base. Thus the reaction 
between an acid HA and substrate S is: 


k 
S + HA == SH* + A- 


ka 
Ks 
SH* + НО > P + H3O* 


where P represents the product. 
Applying steady-state approximation to the species SH*, we get: 


GUSH) — o = да [SHA] — k- [SH*LA-] — fa [SH] 


Hence, 
ki [S]IHA] 


[SH'] = RET 


(8.6) 
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and 
d[P] kikolSlLHA] 
df k-i[A7] + k2 


Inspection of Eq. (8.7) shows that the two cases can be considered which 
agrees with the experimental data. 


= k2 [SH*] = (8.7) 


Case І If the rate constant of decomposition of the intermediate into the 
reactants is much more than that of its formation, i.e. 


k2 > k-1 [A7], then 
dP] | 
dt 
The rate of reaction is now directly proportional to the concentration of 
the catalyst and the reactants. This is the case of general acid catalysis. 
Case П If Кэ < k-1 [A], then all the intermediates transform into the 
products and the rate of reaction can be written as: 


IPI — i, BL pg HA] (8.8) 


The dissociation of an acid HA is 


kı [5]НА] 


[6 


Ka 
НА = H* + A- 


and the dissociation constant of the reaction is 


+ 
к, = IAI 
and Al. unl (8.9) 
Substituting this expression in Eq. (8.8), we obtain: 
dP] , ki [SIIH*] 
dt k-i Ka 
= kuy [SH] (8.10) 


It can be seen from Eq. (8.10) that the reaction rate is directly proportional 
to the concentration of the [H+]. In this case the reaction is said to be 
specific hydrogen ion catalysis. The constant ku, is known as the catalytic 
coefficient of hydrogen ion. 

Influence of pH on reaction rate 

In Eq. (8.10), H* acts as a catalyst, its concentration remains constant. 
Thus 


ФР] _ 
pe k[S] (8.11) 


where К = kw; [H+] 
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Thus the rate constant of a reaction catalysed by hydrogen ion is propor- 
tional to [H*]. Taking logarithm of expression (8.11). 


In К = In kn + In [Н] 
In k = kn = pH (8.12) 


Thus in sufficiently acid solutions, In k+ depends linearly on the pH. A 
plot of In k v. pH gives a straight line, the slope being — 1. 
Similarly for a reaction catalysed by ОН" 


Kw 
= -[0H7] = kon- 7 
k = kon- [ОНТ] on- mj 
or In k = In kon- + In Kw + pH (8.13) 


Thus for a basic solution, a linear dependence of In k against pH would be 
observed and the slope of the straight line being +1. 


DH -> em 


Fig. 8.2 Influence of pH on rate constant of 
acid-base reactions 


Figure 8.2 gives the plots of In k v. pH for various reactions catalysed. by 
acids and bases. The curves of the type a and b will be obtained when the 
solutions are predominantly acid or alkaline. The curve c will be produced 
in neutral’solution, i.e. when Кн+ == Кон-. If kunt is negligibly small, curve 
d would be found. Similarly if kom- is negligibly small, curve e is found. 
There may be a region of intermediate pH range in which the first term of 
Eq. (8.12) or (8.13) above are predominant as shown in curve f. A curve 
of the type f is given by mutarotation of glucose. The curve c is observed 
in the hydrolysis of esterns. The curve a is found in the inversion of sugars, 
ete. 

Bronsted Catalysis Law 

Acid-base catalysis is a common feature of organic reactions. In reactions 
subject to acid-base catalysis, the first step ofa reaction is the transfer of a 
proton from acid to the substrate molecule or from substrate molecule to 
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the base. Therefore, it is obvious to correlate the effectiveness of a catalyst 
to the strength of acid or base. 


Taylor, in 1914, suggested that there was a simple relationship between 
the acid catalytic constant ka and dissociation constant of acid Ka і.е., 


ka = Kut + Ka? (8.14) 
where kut is the catalytic coefficient of the hydrogen ion. 
Bronsted and Pederson in 1924 proposed a more satisfactory relationship 
between ka and Ka which is given by the relation: 
Ка = GaKax (8.15) 


where Са and х are constants characteristic of the solvent, the reaction and 


the temperature. The value of « are usually less than unity (between 0.3 to 
0.9). 


Similarly for a base catalysis, Brónsted and Pederson proposed the 
equation: 
кь = бьКь (8.16) 


where k» is the rate constant of base catalysis and Къ is the dissociation con- 
stant of the base. 


The relationship between the catalytic constant of a base (kv) and the 
acid constant of conjugated acid may be obtained as follows: 
For the process 


B + H20 = ВН? + OH- (8.17) 


and 


— IBH*] [OH] 
Kc (8.18) 


Considering the reaction 
BH* + H20 = B + H30+ 
and 


B] [H30* 
Kam BIA 1 (8.19) 


We also know that 
H;0 = Ht + OH- 
Kw = [H*] [OH] (8.20) 
From Eqs (8.18), (8.19) and (8.20), 


or 


Къ = — (8.21) 
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Inserting the value of Къ in Eq. (8.16), we get 
ky = Go Ks? (8.22) 


where Gb = KE 


B is again always less than unity. 

The Eqs (8.15), (8.16) and (8.22) are known as Bronsted relationships. 

]f an acid contains p protons bound equally strongly in the acid, and, q 
is the number of positions in the conjugate base to which a proton may be 
attached, then for acid catalysis the Bronsted equation may be expressed as: 


Ka Ka\* 

rom) 29 
and for base catalysis: 

b p My 

v7 9x] (6.28) 


Hammett and Brénsted Equation 

It can be shown that Hammett’s linear free energy relationship can be 
applied to the kinetic phenomenon also. Let us consider a reaction cataly- 
sed by the acids of one homologous series. Hammett’s equation with res- 
pect to rate constant ka is: 


log ka = log ko + oP (8.25) 
and the corresponding equation with respect to the dissociation constant: 
log К = log Ko + oP’ (8.26) 


where P and р’ are the reaction constants characteristic of the nature of 
reactions and с is the substituent constant. 
Writing Eqs (8.25) and (8.26) as 


Ш 


+ log ka = > log ko + о (8.27) 


Fh log Ka = = log Ko + e (8.28) 
On subtraction of Eq. (8.28) from Eq. (8.27), we get: 


ЕТ 
L log ka = log Ks 


1 log ko 7 log Ko 


p 
kaadon z 
or log PEE log G 
or ka = G-K& (8.29) 


where а = p/p’ 
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On the basis of this argument the Brónsted and Pederson relationship 


may be successfully applied to catalysis by a series of homologous acids 
and bases. 


The Acidity Function 


Hammett's acidity function has been successfully applied to measure the 
relative acidity of media having varied composition and correlate these with 
the rate constants in various solvents. 

It is easy to compare the strength of the weak acids and bases by using 
the values of dissociation constant. 

Hammett evolved a method for comparing the strength of the strong acids 
and bases not only in water but also in non-aqueous solvents. Hammett 
defined a quantity Ho, characteristic of strength of an acid, based on an 
indicator acidity scale. 

Hammett and Dyrup have investigated the behaviour of a series of indi- 
cator bases, mostly derivatives of nitroanulines, in sulphuric acid-water mix- 
tures. Thus the indicator base B protonates as follows: 


B + Ht = BH* (8.30) 
An example of such an acid-base equilibria is: 


CcHsNHo + Н+ = CoHsNH3 


The equilibrium constant for the reaction represented by Eq. (8.30) is 
given by: 


CBH yBH* 
К = (ВНТ % Ун qu 
where ?'s are the activity coefficient. Writing expression (8.31) as: 
[BH*] Ув 
1 =3)29 
og К — log [H*] log ny (8.32) 


The value of L.H.S. can be determined spectrophotometrically with the aid 
ofa suitable indicator base. The quantity on the right hand side of the 
equation is defined by a quantity Ho, as 


й. Ув 
Но = — log rm (8.33) 
Ho is called Hammett's acidity function. For dilute solution Ув and Yput 
are equal and 
Но = — log ан+ = pH 

as the activity coefficient change Ho begins to deviate from pH. 

The Ho scale is set up by determining the pKa of an indicator base spec- 
trophotometrically in dilute aqueous solution: 


[B] 
[BH*] 


pKa = pH — log 
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It is assumed here that the values of pKa thus determined will be indepen- 
dent of the solvent and may be used to determine the acidity function Ho of 
more concentrated acidic solutions. 

[В] 


pKa = Ho — log BH (8.34) 


An indicator having the ratio of ПШ between 0.1 and 10 is particularly 


useful. 
The acidity function Ho is very convenient for correlating the rates of 


acid catalysed reaction in the case of processes occurring by a mechanism 
which includes a stage as in the reaction represented by Eq. (8.30). For 
instance, the two likely steps in the mechanism of reaction are: 


Step 1: X + Ht = (XH?)* (rapid) 
Step 2: (XH*)* > P (slow) 
If step 2 is slow and rate determining, then the rate of reaction will be 

given by: 
о = k* [XH*]* (8.35) 


The activated complex is in equilibrium with the species ХН“, therefore, 
XH* = [XH*]* 
[XH*]* *XH*)* 


г үй. tel ш; 
апа К [XH] XH") 
K* [XH*]-YXH* - 
or [XH*]* = EUN (8.36) 
Substituting [XH*]* in Eq. (8.35) 
YXH* 
г< KE + ERUIT M 

v = k* -K* [XH*] XXH9* (8.37) 

The equilibrium constant for the reaction in step 1 is 
_ [XH*]»XH* (839) 


n RRS 
Substituting for [XH*] Ухн+ in Eq. (8.37), we get: 


; Y; 
ú = k* -K* -Ka won ац» [X] (8.39) 


The first order rate coefficient is defined by ae 
Then 


= К K* Ke (8.40) 


Yx 
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So that, 
log k = log (К+ K* -K;) + log du aR (8.41) 
or log k = log (k* K# Ka) — Ho (8.42) 


Thus we find that a correlation exists between log К and Ho. The linear 
relationship between these two quantities has also been established experi- 
mentally. A plot of log k against Ho givesa straight line with a slope of 


log k 


Ho —- 
Fig. 8.3 Plot of log К against Mp for con- 
centrated acid solutions 


8.4 ENZYME CATALYSED REACTIONS 


The remarkable specificity 
teristics of the enzymatic cat 


For example, the enzyme urease will catalyse the hydrolysis of urea. 
CO(NH2)2 -+ H20 > CO» + 2NH; 
and no other reaction. 


The activity of an enzyme, like any other catalyst, also depends on tempe- 
rature. All enzymes are effective at room temperature or body temperature. 


Many of them are so sensitive that they quickly become inactive at about 
50°C. The enzyme activity also depends on the pH. 


Kinetics of Enzyme-Catalysed Reactions 


Enzymes, which are biochemical protein catalysts for chemical reactions 
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occurring in living cells, are among the best known catalysts. The general 
mechanism for an enzyme-catalysed reaction was first proposed by Michae- 
lis and Menten in 1913 and since then it has not changed in principle. Some 
interesting results have come from a study of the kinetics of enzyme reac- 
tion. The mode of action of an enzyme in the Michaelis-Menten mechanism 
is as follows: 

ky 

BEES SES 
ka 
ky 
ES>P+E 

where E denotes the enzyme, S stands for the substrate, [E — S] is an 


addition complex and P is the end product. 
The rate of formation of the product is given by: 


sm = k2 [ES] (8.43) 


During the course of the reaction, the concentration of the addition com- 
plex ES remains almost constant, hence 
d[ES 
dIES] _ 
dt 


Assuming a steady state to be set up, we get 


SLES) L ka [ES] — КЕЗ] — kal ES] = 0 
= kilEJ[S] — (k-1 + Ко) [ES] = ^ (8.44) 


Since the enzyme exists either in the free form (E) or the combined form 
(ES), the total concentration of the enzyme (E)o originally added can be 
obtained from the material balance equation: 

[E]o = [E] + LES] (8.45) 
Inserting the value of [E] in Eq. (8.44) by [E]o — [ES], we get: 

kilS\((Elo — [Е51) — (k-1 + k2) LES] = 0 
on [ESI = К-1 eg [S] 
The expression for the rate of formation will thus be: 
d[P] . kık[E]o [S] 


dt kat ke + Kis] а) 
Dividing the numerator and denominator of Eq. (8.46) by kı gives: 
d[P] _ Ер [S] 
dt ^ Km + [S] (8.47) 
го 
where ae та (8.48) 


Km is called Michaelis constant. It has the dimension of concentration. 
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It is easy to analyse the obtained equation. 
1. At Low Concentration of Substrate When concentration of the sub- 
strate S is much less than Km, then the rate: 


d[P] Б 
Tap i, EIS] (8.49) 


The rate of reaction will be of the first order with respect to the substrate 
and enzyme. 


2. At high Concentration of Substrate With growing concentration of 


substrate (S), the rate will retard and at significantly high values of (S), 
saturation will be obtained. Thus 


Ч[Р] _ 
"dr = %2 [Eb (8.50) 


and so the reaction will be zero or 
given amount of the enzyme. 


In order to calculate the parameter of Eq. (8.46), the Lineweaver and 
Burk method is applied. Taking the reverse of the equation: 


e. Km 


der with respect to the substrate for a 


= IET 5l 
Rate = АЕТ * КЕ} IS] (8.51) 
1 1 Km 
% Rate ^ (гара [Е] [S] (8.52) 


1/Rate | 


*— — Slope = kor 
(Rate)ma« 


-1/K,, 


1/[]- —> 


Fig. 8.4 Lineweaver—Burk plot 


1 1 

li ГОР ЕЗ i А А А К, 
Thus а plot of Rate " [sj Vill be a straight line with a slope (Багу The 
1 


extrapolated intercept оп isi axis is equal to — 1/Km. 


The physical sense of Michaelis constant Km is obtained from Eq. (8.48), 
provided the condition k-1 > ko is fulfilled. Thus 


eu 


Km oL = 


1 Коа 
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where Keq is the equilibrium constant for the formation of an enzyme-sub- 
strate complex. Thus Km is the dissociation constant of the complex. It 
characterises a degree of enzyme affinity for a given substrate, i.e. the 
higher the value of Km, the smaller is the affinity. - 

Knowing the value of Kea, the free energy can be calculated with the help 
of the equation 


AG = —RT In Kea 


If we measure Keq at different temperature, it is possible to obtain the 
values of 4H and 45 also using the equation 


48 = АН — TAS 


The effect of pH on the rates of enzyme reaction has also been studied. The 
rate passes through a maximum as the pH is increased. The observed effect 
can very well be explained by postulating successive degrees of ionization. 

Now the question is, why are enzymes so specific in their catalytic action 
so that the rate of reaction changes from zero order to first order with respect 
to the substrate? There is no easy answer to this question. The concept of 
active sites has been used to explain the observed phenomenon. 

Thus the study of the kinetics reveals important thermodynamic and 
kinetic characteristic of the enzymatic process. 


Enzyme Inhibition 


The action of a specific enzyme on cell functions can be affected by chemi- 
cal agents. Many chemotherapeutic agents exhibit the action of specific 
enzymes. The reason is that they are chemically and structurally very similar 
to the normal substrate molecule. They occupy the active sites on the enzyme, 
but do not form the normal products unlike the normal molecules: Such 
agents are known as competitive inhibitors, because there is a competition 
with the substrate for-the active site on the enzyme. Thus the substances 
whose presence decreases the rate ofan enzyme-catalysed reaction are known 
as inhibitors. 

Let us derive the rate law for an enzyme-catalysed reaction subject to 
fully competitive inhibition. 

In fully competitive inhibition, (1) Enzyme E will bind with both sub- 
strate (S) and inhibitor molecule (1) separately and (2) only enzyme-substrate 
complex (ES) will break down to form the products. Thus 


ka 


ES — B-- P 
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The basic rate law is still 
ды = ЮЕ] (8.53) 


For the formation and destruction of an enzyme inhibitor complex EI, there 
is an equilibrium constant defined by 


[ЕП 


= ТЕЙ (8.54) 
Now the material balance equation for the enzyme is 
[Е] = [E] + [ЕП] + [ES] 
= [E] + КІЕЈШ + [ES] 
= E(1 + КШ) + [ES] 
_ [Elo — [ES] 
o E= ш. (8.55) 
From the steady-state expression, we have 
Ai EIS] = (к; + ka) ES] (8.56) 


Substituting for the enzyme concentration (E) in expression (8.56), we get: 


k (Ee ES; = (ki + А188] 


К11Е)015] ^ kilES][S] 
1+ KU 14KM (k-1 + k2)[ES] 


KiEMS] _„  , kiLESI[S] 
or 1+ KI) T (1 + АЕБ] + ED T КІП 
kilE}o{S] 
RT 1+ КП 
id [ES] 15] 
(k-1 + k2) dr kir КИТ 
D Ki[ETol S] 
(1 + КП) + k2) + ki[S] 
= [EIS] 
ен Кы(1 КП) + [S] 
— katk 
where Km = Ma 
The rate of reaction is therefore: 
[Р] _ kal E]olS] 
dt 7 Kell КО) F TS] (8.57) 


The expression (8.57) reveals that if К > 1 the rate of reaction is 
decreased. 
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8.5 HETEROGENEOUS CATALYSIS 


When the catalyst and the reactants do not mix homogeneously into a single 
phase the phenomenon is called heterogeneous catalysis. This usually means 
that the reaction mixture is liquid or gaseous and the catalyst solid. In other 
words, phase boundaries or surfaces can increase the rates of reaction. For 
example in the hydrogenation of vegetable oils, finely-divided particles of 
metallic nickel act as a catalyst. Solid catalysts are used in the finely-divided 
form because the rate of a reaction depends on the area and the chemical 
nature of the surfaces. One or more of these reactants first get stuck to the 
surface of the catalyst and form an activated complex. This adhesion of 
reactant molecules to the surface is known as adsorption. The substance 
thus attracted to a surface is called the adsorbed phase or adsorbate while 
the substance to which it is attached is the adsorbent. 

There are two kinds of adsorptions, one due purely to physical forces and 
the other due to semi-chemical forces. 

1. Physical or van der Waals adsorption Та physical adsorption the mole- 
cules are thought to be held to the surface by weak van der Waal's forces 
of attraction. It is usually characterised by small heat of adsorption (1.5kcal/ 
mole or less of adsorbate) and by the fact that adsorption equilibrium is 
reversible and is established rapidly. For example, the adsorption of various 
gases on charcoal is ап example of this type. This type of adsorption is not 
Important from a catalytic point of view. However, it provides the informa- 
tion on the structure of the solid and its surface area. 

2. Chemisorption or activated adsorption Та chemisorption, the molecules 
are held on the surface by valence forces (chemical bonds). The heat of 
adsorption in this is greater and of the order that evolved in chemical 
reactions, ranging from 20 kcals/mole to as high as 100 kcal/mole. The 
heat evolved is utilised in binding the activated complex. That is to say, the 
heat evolved contributes to the energy of activation of reaction, thereby 
decreasing the energy of activation. Chemisorption is irreversible and more 
Specific in nature than physical adsorption. 

Many cases of adsorption are neither one type nor the other, but a 
combination of both. For example, adsorption of hydrogen on Ni surface 
'S а physical adsorption at low temperatures and chemisorption as the 
temperature is raised, Р 

Some examples of heterogeneously catalysed reactions are given in 
Table 8.2, 

A perusal of the above table reveals that the presence of the catalyst 
Speeds up the reaction by lowering the activation energy. It is now generally 
held that the adsorption takes place at the active centres present on the 
Surface of the solids. The presence of such active centres can be proved by 
Studying the kinetics of reactions thoroughly. ў 

In most of the heterogeneously catalysed reactions chemisorption is of 
cundamental importance. Thus, when a gaseous reaction proceeds on the 

Н 


асе of a catalyst, it is supposed to consist of four consecutive steps. 
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Table 8.2 
Reaction Catalyst Heat of Activation]kJ mol^* 
2HI > Н, + 1, None 184 
Au 105 
Pt 59 
2NH, > N: + 3H; None 350 
w 162 
2N,0 > 2N, + О, None 245 
Au 121 
Pt 134 


1. Diffusion of the reactant molecules to the surface. 

2. Adsorption of the reactant molecules on the surface 

3. Reaction on the surface. 

4. Desorption and diffusion of product molecules from the surface 

Of the four steps listed above, the rate of overall reaction depends on 
steps (2) and (3). Irving and Langmuir's concept of unimolecular film on the 
surface satisfactorily explains the observed kinetics. Langmuir postulated 
that 

1. gases adsorbed by a solid surface cannot form a layer more than a 
single molecule in depth, i.e. adsorbed gas is unimolecular in thickness. 

2. there exists a dynamic equilibrium between the adsorbed gas and the 
gas in the bulk phase, i.e. rate of condensation and rate of sorption of 
molecules will be equal. 

A relationship between the fraction of the surface covered and the pres- 


sure of the gas at constant temperature can be obtained mathematically 
using these ideas. 
Let 


0 = fraction of the surface area covered by gas at any instant. 


(1 — 0) — fraction of the bare surface available for adsorption. 
P — pressure of the gas. 


Now when gas molecules collide with unit area of the surface, the rate of 


condensation of molecules is expected to be the proportional to the pressure, 
P, and fraction of uncovered surface (1 — 0). Hence, 


Rate of adsorption = Ki(1 — 0)P (8.58) 
Rate of evaporation = k20 (8.59) 


where ki and k2 are constants for a given system. At equilibrium, these two 
rates are equal. Then 


ki(1 — 0)P = k28 


КР 
Ü = ss 
or БО зү (8.60) 


_ bP 
Wr ats (8.61) 
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where b = Ki/kz and is called adsorption coefficient". Expression (8.60) is 
called the Langmuir adsorption isotherm. Graphical representation of 
Eq. (8.60) is shown in Fig. 8.5. 


Fig. 8.5 Langmuir adsorption isotherm 


Limiting Cases of Eq. (8.61) 


(a) 


(b) W 


(c) 


When the gas is slightly adsorbed, i.e. when adsorption is slight either 
due to very low pressure or due to the low-adsorption capacity of 
the Surface, b is small, and bP may be disregarded compared to 
unity. Hence Eq. (8.61) reduces to 

0 = bP 
i.e. extent of adsorption is directly proportional to the pressure and 
the reaction will behave as one of the first order. 
hena gas is strongly adsorbed, the surface is covered by a mono- 
molecular thick layer of the gas, i.e. when b or P or both are large, 
then bP > 1, and Eq. (8.61) transforms to 


Under these conditions, the reaction rate is constant or independent 
of pressure and the reaction is said to be of kinetically zero order. 
Another deduction can be made from Eq. (8.61): 
bP 
ПУ (гю) 
T 1 
~ 1+ BP 
When the adsorption is strong, bP > 1, and 
1 
= > 
Le. the fraction of the surface still available for the adsorption is 
inversely proportional to the pressure of the gas. 
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Kinetics of Heterogeneous Reactions 


With the aid of the equation derived above, the kinetics of unimolecular 
and bimolecular reactions can be interpreted. 

Unimolecular Surface Reactions 

When there is a single reactant, it is first chemisorbed and subsequently, on 
activation, breaks up into products. If A is the reactant molecules and 5 


the surface atom of the solid, the elementary processes may be visualised as 
follows: 


ky 
А +5 = AS 
k- 
k, 
AS — Products 


where AS is the adsorbed molecule. 
Let 6 be the fraction of the surface covered by A at any instant ¢ and 
pressure P. According to Langmuir-Hinshelwood, the reaction rate should be: 


Rate = r = Коб (8.62) 
Assuming a steady-state approximation for (AS) 
d[AS] 
MLAS] _ KTAS] — k КАБ] — kal AS] =0 
_ la ATIS] | 
ог [AS] = ker ES (8.63) 


Now if concentration of vacant sites, [S] = C.(1 — 6) 

and concentration of occupied sites, [AS] — C; 

where C; is the total concentration of the surface sites of the catalyst. 
Substituting the values of [S] and [AS] in Eq. (8.63), we obtain: 


co = bilo — 0) 


k-i + ka 
а Pa mew 
or ae Sera bie Е (io 
ah kəkilA] — 
and r= АТУ ka + ka G 


Inverting expression (8.65) 
1 1 , katk 


r k kkiA] 


(8.66) 


For the gaseous reactions, concentration term [A] may be replaced by partial 
pressures and Eq. (8.66) can be modified as: 


(8.67) 
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A plot of 1/r against 1/PA would yield a straight line with 1/k2 as the inter- 
k-1 +k, 


cept and as the slope. 


Limiting Cases of Eq. (8.67) 
Case І In the rate expression 
bacc RE. 
КРА + ka + k2 
when k2 > (kiPa + К), 
r= КРА (8.68) 
On integration, Eq. (8.68) gives: 
ki = 2203 logio (5) 
where Pi is the initial pressure of A and Р its pressure at any time /. This 
equation is of first order with respect to concentration of A. 


Case П If kz < (kiPA + k_1), the rate equation becomes: 


kikaPa_ _ _(kılk-ı)k2Pa 
kiPa +k-1 (kilk-1)Pa + 1 
_ Kk2Pa (8.69) 
KPa+ 1 


Where K is the adsorption equilibrium constant. Expression (8.69) which is 
identical to Langmuir adsorption isotherm can be analysed further. 
(a) At low Pressure, i.e. KPa < 1, hence 


r= K-kaPa od 
and the reaction Will behave as a first order with respect to A. 
(b) At high Pressure, iie, КРА > 1 


г = № (8.71) 


and the reaction rate is independent of pressure and the reaction is zero 
order with respect to A 

Expressions (8.70) and (8.71) may be explained by variation of rate of 
Teaction with pressure as shown in Fig. 8.6. 
Bimolecular Surface Reacti 

actions 
a 

Let us now take a reaction in which two molecules A and B react on 


surface and get adsorbed on neighbouring sites. The process may occur 1n 
two ways, 


ky 
A+S=AS 


-1 


ks 
B+S= BS 


-2 


Ks 
AS + BS — Products +- 25 
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Zero Order 


First Order 


Р ——> 
Fig. 8.6 Variation of rate with pressure 


Let 6; and 2 be the fractions of the surface covered by adsorption of A 


and B, respectively. The fraction of the surface, which is vacant, is (1 — 01 
— b). D 
The rate of formation of products is given by: 
r= k30:02 (8.72) 
Applying steady-state approximation to [AS] and [BS], we get: 
MLAS) L 9 = Ау] — К-ЇА51 — ГАВ] (8.73) 
SEBS) — o = квз] — k-[BS] — ks ASI[BS] (8.74) 


If C; is the total concentration of the surface sites, then: 
[AS] = Cb; 
[BS] = C,62 
[5] = C1 — 0; — 62) 
Inserting the [AS], [BS] and [S] in Eqs (8.73) and (8.74), we obtain: 
lalA1C;(1. — 6i — 6) — ka C,0. — КЗС2В10 = 0 (8.75) 


Kal BICs(1 — б, — 62) — k-2€6; — КзС2010 = 0 (8.76) 


These equations contain two unknown variables 0; and 62 and hence, can be 
solved for ё and 42. 

If we consider that the rate-determining step is the chemical reaction 
between the adsorbed molecules, then ks — 0 and the Eqs (8.75) and (8.76) 
become: 

КАТІ — 0; — 0) = К—1б\ 
КВЛ — 01 — 6) = k-282 
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or 0, = ŽHAKI — 6 — 6) 
ka 
= КАК — 6; — 62) (8.77) 
and в = ва — 6 — 8) 
= КУ[В](1 — 06, — 62) (8.78) 
where = ki Qo = kz 
Kı ES and & pm 


Solving for 6; and 6», we get: 


pj злу «PAL si ala 
1" T4 KIA] + В] 
and ГА КВ] 


71-4 КА] + КВ] 
Inserting the values of 6; and 6 in Eq. (8.72), we get: 


1 Ko[A][B] 8.79 
{1 + КЛА] + КУ[В]? > 
If Pa and Ps are the partial pressure of A and B for the gaseous reaction, 
Eq. (8.79) changes to 


r= k3 


KiK2PaPp 8.80) 
ks (1 + КІРА + КРв)? 
On examining the expression (8.80), three special cases of important Han 
cance are found. 
Case I: When each gas (A and B) is adsorbed very slightly In such an event, 
КІРА < 1 and also КРв < 1, so 


r = k3K1K2PaPs 


This means that the reaction will be of the secon 
each with respect to A and B. 

Examples of this type are found in the hydrogenation o 
Ог reaction between NO and Оз on glass. 
Case II: When one reactant, A, is relatively more strongly adsorbed than the B 


Here, КІРА > КРв 


r 


(8.81) 


d order and first order 


fethylene on Cu 


r= (ГА КІРА)? 
i.e. the rate is first order with respect to В. But as the p 
increases, the rate increases to a maximum and then falls. 

Such complicated kinetics is being followed in the reaction be 
and H» on platinum. 
Case III: When one reactant, A, is very strongly 
have KiPa > КЪРв and KiPa > 1. 


Hence, 


artial pressure of A 


tween CO2 


adsorbed Тп such cases, we 
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Therefore, the reaction rate is 
_ КзКоРАРв _ КзКә Рв 


Ki Pz Ki Pa 


Thus the rate depends strongly on the concentration of the strongly absorbed 
component. "o 
The reaction between CO and O» on platinum follows such kinetics. 


Retarded Reactions 


Surface reactions are sometimes complicated by the adsorption of not only 
the reactants but also a product of the reaction. In fact, the product may 
be adsorbed more strongly than the reactant, thereby decreasing the effective 
surface area available for the adsorption of reactant. This results in a 
retardation of the reaction rate. 

Let us consider the reaction 


A>B+C 


where A is the reactant which is weakly adsorbed and the product B is 


strongly adsorbed. Then the fraction of the surface covered (61) by A can 
be expressed as: 


Gree KaPa 
1 + КАРА + КвРв 


The rate of reaction A will then be proportional to 6; and the pressure А. 
Hence 


ates k2KaPa 
1 + КАРА + KpPp 
But when the product B is very strongly adsorbed, then 
r = ЮКАРА 
КвРв 


i.e. rate is directly proportional to the Pressure of the reactant and inversely 
to the pressure of the product responsible for retardation. 


Hinshelwood and Burk found that ammonia decomposes on platinum at 
1138°C according to the reaction, 


2NHs(g) —-> Nx(g) + 3H2(g) 


Nitrogen appears to have no effect on the Teactio 


n but the hydrogen is 
strongly adsorbed and retards the reaction rate. 


Effect of Temperature on Heterogeneous Reactions 
Arrhenius equation, also applicable to heterogeneous reactions, 


dink Е, 
dT — RT? 


The activation energy (Ea) for a heterogeneous reaction, evaluated from 


is given by 
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the plot of log k against 1/T is called apparent energy of activation. Since 
the adsorption is temperature dependent, the evaluated Ea is the algebraic 
sum of true activation energy (E;) and the heat of adsorption of reactants 
(Ак) and products (Ap). Such that 


Ea = Е, — Асасат + Aproduct 
The exact relation depends on the nature of kinetics. 
Unimolecular Surface Reactions 
Case I: When the reactant is very strongly adsorbed (Zero order surface 
reaction) Неге 0 —- 1, and Eq. (8.62) becomes 
rate = k2 


In this case the fraction of surface covered is independent of the temperature 
and, therefore, 


Ea = Е; 


о II: When the reactant is slightly adsorbed Under the condition, i.e. 
А < 1 


Rate = К.Кә.РА 
From Arrhenius equation: 


din (К-К) _ Ea 


dT RT? 

or dink dink: _ Fc 
dT dT yah RIP 
But d In K _ Hais 
dT RT? 

and 9 ао _ 4E: 
ат RT? 


Therefore 


RT? RU ORT 

Since Haas is generally negative, 
Ea < E 
le. activation energy of this type of reaction is lowered. 
Bimolecular Sur "face Reactions 
Case I; When both reactants are weakly adsorbed Under the conditions, 
Le. КІРА < 1 and also КРв < 1. 
Rate = k3KiK2PaPs 

From Arrhenius equation: 


d In (KiKoks) _ 
a perd pee | =з 
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or 


or 


d In Ki d In К dinks Ea 
dT "s dT + dT — RT? 


(AHsa)i , (4Haas)2 n Е, Ea 
ЁТ? 5 ORT RT? RT? 
Ea = Er + (Анла) + (4H aas)2 


or Ea < Er, since ZHaa; generally negative. 


Case II: When one of the reactants is very strongly adsorbed Tf, out of A 
and B, B is more strongly adsorbed, then 


From Arrhenius equation: 


or 


or 


or 


Кә 
d In (e x) x VES 
dT ОС ЕТ? 
din ke _dinki , dinks Ea 
dT ат ат RT? 
(Haas)? _ (4Hads)1 т? Ei Ea 
RT? RT? RT? RT? 


Ea = Е, + (4Haas)2 — (4Haas)i 


ie. the strongly adsorbed product raises the activation energy, thereby 
inhibiting the overall reaction. 


1. 


. Consider the following reactions: 


PROBLEMS 


The decomposition of nitramide, NH,+NO, — N,O + H,O is catalysed by bases. 


Derive a mechanism to explain the catalytic effect. How would you test this 
mechanism? 


+ The energy of activation for the homogeneous decomposition of HI is 45 kcal/mol 


and 14 kcal/mol for the platinum catalysed decomposition. What is the ratio of 


the rate of the catalysed reaction to that for the uncatalysed reaction at 727°C 
assuming all factors remain unaltered, 


(Ans. 5.5 х 10°) 


CH;COOC;H; + H,O = CHCOOH + C;H,OH 


in aqueous solution which is first order with respect to ethyl acetate. The first 


order rate constant varies with the change in the pH of the solution as follows: 
pH 3 2 1 
kı/10-4s-1 ы 11 110 


What is the order of the reaction with respect to H* and the value of the rate 
constant? 


(Ans. . First order, and 1.1 x 107! 1 mol“? 57) 
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4. The following mechanisms are proposed for the aldol condensation: 
о о 
П kı 1 
H—C—CH, + B —- H—C CH; + BH* 


-1 


о н о н 


ti | k; | | 
H—C—cuy + C=0 —$ H-6-C-CH.-C-0- 
CH; CH; 
о H о н 
li | ka Il | 
H—C—CH,—C—0- + BH* ———-» H—C—CH;—O—OH + B 
(rapid) |, 
CH; CH; 
(а) Show that the mechanism is consistent with the rate law 


d[aldol] ^ /jk(CH,CHOT[B] 
а ~“ K,[CH,CHO] + &[BH*] 
(B is the base catalysis) 
(b) Obtain the following reduced equations: 
(0 When &(CH;CHO] > &-,[BH*] 


Speer] = k,[CH,CHO][B] 


(General basic catalysis) 
(ii) When &., > /,[CH,CHO] 


d[alcohol] kik, [CH4CHOT'[B] 
Mlalcohol] — kik, [CH,CHO] LB] 


dr = Pi [BH*] 
= B® [CH,CHOPIOH.1 
= 1 = 
(Specific catalysis by OH) 
5. Below are given the values of initial rates of oxidation of sodium succinate in the 
Presence of an enzyme at different sodium succinate concentration: 
[Sodium succinate] x I0*[mol 17% 10 20 1.0 0.5 0.33 
Initial rate x I0*/mol 1 117 0.99 0.79 0.62 0.5 
Calculate the Michaelis constant and the limiting rate of caution, < 1076 mol s7} 
(Ans. так Bes 4.8x 10-1 mol 173) 
А -chymos- 
6. The hydrolysis of p-nitrophenylacetate to p-nitrophenol is catalysed by «-chyr 
trypsin enzyme. The proposed mechanism is 
fast ky ka 
Е+ S = ES — ES -+ Pı—> E+ Ps 
where Eg’ = acetyl enzyme 
P, = nitrophenol 
P, = acetate ion 
i inat 
If kı < ka, draw a quantitative plot of potential energy versus reaction coordinate 
y for the above reaction. 


Below are the data for an enzyme-catalyzed reaction: 


LS] 10%mol 1-2 2.5 5.0 10.0 15:0 
Yo X I0* [mol I> min? 22 3.8 5.9 74 
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10. 


M. 


12. 
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Assuming Michaelis-Merten kinetics, calculate (rate) лаҳ» Km and k, using Linc- 
weaver-Burk plot. 


(Aus. = 1.25 mol I7! min 
1.19 10-? mol I7! 


m 
ky = 3.125 min“) 


Ymax 
ы 


- The following results were obtained for the pyridine-catalyzed hydrolysis of 


p-nitrophenyl acetate in buffered aqueous solution at 25°C. 


- The Freundlich isotherm can be written as y = Кс1/" 


. According to Hinshelwood the decom 


[Pyridine]/mol 1-1 0.08 0.16 0.24 0.32 0.40 
Kops 1048-1 1.96 3.68 5.26 6.88 8.32 


Calculate the catalytic rate constant. 

(Ans. Kea, = 2.0107?) 
» Where К and л are constants. 
The following are data for the adsorption of CO on wood charcoal at оС. The 
Pressure P is in mm of Hg, while x is the volume of 


gas in Co, measured at 
standard conditions adsorbed by 2.964 g of charcoal: 


P/mm Hg ЈЕ) 180 309 540 38.1 
х 7.5 16.5 25.1 88.2 52.3 


Find graphically the constants K and n of the Freundlich equation. 


(Ans, К = 0.088 cc/g, 


n= 1,26) 
Predict whether the following data on the adsorption of acetic acid on charcoal 
at 25°C follow the Freundlich isotherm. 


[acetic acid]/mol 171 0.05 0.10 0.50 1.0 1.5 
mo/g 0.04 0.06 0.12 0.16 0.19 


where nip is the mass adsorbed per unit mass of charcoal. From the graph find the 
constants Капал. 


(Ans. К = 0.160, n = 2.32) 
The following are data for the adsorption of CO on charcoal at 273 К. Confirm 
that they fit the Langmuir isotherm, and find (a) the constant K, and volume 


corresponding to complete surface coverage (b) the fraction of surface covered at 
each pressure. 


pltorr 100 200 300 


400 500 600 700 
v/em? 10.2 18.6 25.5 


31.4 36.9 41.6 46.1 


The mass of the sample of charco 


al is 3.022 g, The above volumes have been 
corrected to 1 atm. 


(Ans, К = 0.76 atm!) 
Kunsman reported the following data for the decomp 


iti t 
1100 osition of NH; on W a 
Initial pressure of NH, mm 265 ` 130 58 16 
Half-life period min 7.6 


3.7 147 1.0 


Show that the reaction is approximatel 


У zero order, and calculate the mean 
specific rate constant. 


Position of N,O on Pt follows the rate 
equation. 


_ da — x) _ Ка — x) 
dt qax 
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where а = initial pressure of N,O in atm. 
x = decrease in pressure of N,O in time t 
k and b = constants 
On integration 
1+ ab a bx 


in = 


t a— x t 


k = 


From the following data obtained at 741°C with a = 95 mm. 
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14, 


t (sec) 315 750 1400 2250 3450 
x (mm) 10 20 30 40 50 
Determine the constants & and b by the graphical method. p 
(Ans. k = 3.36x10' 
b = 0.0254) 


Formic acid decomposes into CO, and H, on a gold surface and follows first 
order kinetics. Hinshelwood and Topley observed a rate constant of 5.5x107* at 
140°C and 9.2 х 10-? at 185°C. Calculate the apparent energy of activation. 


(Ans. 23.45 kcal то!) 


NINE 


Photochemical Kinetics 


Earlier we considered only ordinary to thermal reactions in which the energy 
for the climb to the activated state comes through molecular collisions. 
Thermal reactions can occur only when they are accompanied by a decrease 
in free energy. If a free energy increase is involved, no reaction is possible. 
Another way to raise the activation energy of atoms and molecules is to 
bring the reactant molecule into collision with quanta of electromagnetic 
energy. The study of the chemical reactions which occur after electronic 
excitation of atoms or molecules with electromagnetic radiation (visible and 
UV regions having wavelengths approximately between 800 nm to 200 nm) 
is termed as photochemical reactions. The energy in this range varies from 
1.5-12.5 eV. 
Photochemical reactions differ from thermal reactions in certain aspects. 


1. The thermal reactions are initiated by activation brought about through 
molecular collisions, In photochemical reactions, the energy of atoms and 
molecules is gained through the absorption of electromagnetic radiation. 

2. While all thermal reactions are accompanied by a decrease in free 
energy, many photochemical rea 

3. While the rate of thermal uncatalysed reaction at any fixed concentra- 


ate of photochemical reaction is 
nly on the intensity of light used 
f a photochemical reaction with 


Light is always one of reactants in 
therefore that a brief introduction into 
cesses would be in order, 


a photochemical system. It is felt 
basic background of absorption pro- 


9.1 ABSORPTION OF LIGHT 


Electromagnetic radiation can be envisaged in terms of an oscillating electric 
field and an oscillating magnetic field operating in planes which are perpendi- 
cular to each other and to the direction of Propagation of the wave. For 
Some purposes it is more convenient to usea particle description of electro- 
Magnetic radiation, since radiation ofa given frequency is quantized and 


absorbed, emitted and transmitted in discrete units, photons. The energy of 
photon is 
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Е = hy 


where / and v аге Planck’s constant and the frequency, respectively. 

When a photon passes close to a molecule there is an interaction between 
the electric field associated with the molecule and the electric field associat- 
ed with the radiation. If the interaction results in the transfer of energy 
from a beam of radiant energy to matter, itis termed absorption. The reverse 
process in which a portion of the internal energy of matter is converted into 
radiant energy is called emission. i i 

The absorption of radiation by a homogeneous system is described by the 
familiar combined Beer-Lambert laws. It is a combination of two empirical 
laws. 


Lambert's Law 


A relationship between the amount of light absorbed and the depth or 
thickness of the homogeneous absorbing medium is given by Lambert’s law 
(1760). ў 

This law states that the fraction of radiation absorbed by a sytem Н 
independent of the intensity of that radiation, i.e. the rate of decrease o 
intensity of the incident monochromatic radiation with the thickness of the 
absorbing material is proportional to the intensity of light. f 

Mathematically we can derive an equation as follows. Let us consider an 
infinitely thin layer of the medium of thickness df and let Z be the intensity 
of the incident light, then 


at -— = КІ 


where K is a constant. 
On integrating, we get 


jaf 
InJ=—Kt+ С 
Where, C = constant of integration. When t= 0, 7 = Io (intensity before 
absorption). Putting these values in Eq. (9.1), we get 
In = C 
Putting the value of C in Eq. (9.1), again we obtain 
In J = —Kt + In Jo 


or МЕЕ 7 


Io 
or 1= Toe t (9.3) 


(9.1) 


(9.2) 
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The constant, K, is called absorption coefficient and is characteristic of the 
absorbing medium. я 
The Eq. (9.3) may also be written as: 


Tq (9.4) 
To 


in which case K’ = E is the extinction coefficient of the substance and 


is defined as the reciprocal of the thickness ofthe medium which is required 
to reduce the light to one-tenth its intensity. 


Beer's Law 


Lambert's law is applicable only to solids. Beer's law is applied to the 
solution. The law states that the amount of radiation absorbed by the system 
is proportional to the number of molecules absorbing the radiation. 

Thus the law can be mathematically expressed as: 


I = Гое (9.5) 


where с is the molar concentration of the absorbing system, Jo is the inten- 
sity before absorption, 7 is the intensity after absorption, and ¢ is the thick- 
ness of the medium through which light is passed. є is called the molar 


absorption coefficient and is characteristic of the nature of the absorbing 
solute and the wavelength of the light used. 


Beer-Lambert Law 


Another important law related to photo reactions is the Beer-Lambert law. 
According to this law, the “absorbance” of a solution containing a sub- 
stance is directly proportional to the thickness of the solution or optical 
path length, t and the concentration of the solution c. Thus 


I= p0 


and D =log (2) = ect (9.6) 


If t is expressed in cm and c in mol/l, D is referred to 
coefficient or molar absorptivity. 

With the introduction of the conce 
absorptivity equals: 


as molar extinction 


pt of transmission (T = J/Jo) the 


D — —log T — log T "s (9.7) 
Limitations 


For these relations Eq. (9.7) to hold rigorously, interaction between the 
molecules must not be taken into consideration at all concentrations. Devi- 


ations occur in the case of molecular association or dimerization. The law 


is also invalid when very high intensities of radiation are employed. 
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9.2 BASIC LAWS OF PHOTOCHEMISTRY 


The photochemical reactions are governed by two basic laws, the Grotthus- 
Drapper law and Stark-Einstein law of photochemical equivalence. 

1. Grotthus-Drapper Law The first law of photochemistry formulated by 
Grotthus and Drapper states that: “Only the radiation that is absorbed bya 
molecule can be effective in producing a photochemical change in the 
molecule." 

However, it does not necessarily mean that all the light that is absorbed 
Will always cause a chemical change. In some cases the absorbed radiation 
is converted to kinetic energy of translation of molecules, while in many 
cases the absorbed light may be re-emitted in the form of light of the same 
or lower frequency, popularly known as fluorescence or phosphorescence. 

2. Stark-Einstein’s Law of Photochemical Equivalence Einstein in 1912 
deduced his famous law of photochemical equivalence by applying the 
concept of the quantum theory of radiation. According to the law, “each 
photon absorbed can activate one molecule in the primary step of a photo- 
chemical sequence." This law is sometimes stated as follows: The absorp- 
tion of radiation by a molecule is one quantum process, so that the sum of | 
the primary process quantum yields must be unity. 

Thus if v is the frequency of the absorbed light, then its energy is given by 
the Planck's relation: 


Е = һу 
where / is Planck’s constant (6.62 10—27 erg. s/photon) and energy absorb- 
ed per mole is 
E = Nl ergs 

and is called one einstein. N is the Avogadro's number (6.024 x 10%). à 

It should be clearly understood that the emphasis here is on the primary 
Step in a photochemical process. When as a result of primary absorption, 
only one molecule decomposes, and the products enter no further reaction, 
the number of reactant molecules suffering chemical change will be equal to 
the number of quanta of energy absorbed. More frequently, however, the 
absorption of one photon by a molecule initiates a sequence of reactions 
(chain reaction) leading to several product molecules. In such cases, there 
will not be 1: 1 relation between reacting molecules and the number of 
quanta absorbed. In some cases, where quick deactivation occurs, the 
number of reactant molecules transformed would be less than one per quan- 
tum. Einstein’s law, therefore, does not necessarily imply that only one 
Product molecule is produced per quantum of light absorbed, but that only 
One molecule is activated by each quantum of radiation. 


Quantum Yield 

The relation between the number of molecules that have reacted end du 
number of quanta absorbed is often expressed in terms of quantum yield ф. 
It is a measure of the efficiency of photon usage and is defined as the ratio 
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of number of molecules reacting to the number of quanta absorbed. It is 
represented by: 


Ф number of molecules involved in the process 
~~ total number of photons (quanta) absorbed 


The value of ¢ should be unity. In general, the quantum yields range from 
0.04 to values as high as 10°. The yield less than unity is called a /ow quan- 
tum yield. If it is greater than one, it is called a high quantum yield. 


9.3 PRIMARY PROCESSES IN PHOTOCHEMICAL 
REACTIONS 


The first step in a photochemical process is the absorption of radiation by 
the molecule. The absorption of radiation in the visible or ultraviolet region 
results in an electronic transition of the molecule (excited state). Various 
photochemical reactions may occur from any excited state. They are 
summarised in Fig. 9.1. 

ISOMERIZATION 


N 
». 00110 
2 <r ELIMINATION 
б Хн, 
= & 5% GEN 857, 
о q R, 
is ON AChoy 
a. 
NON-RADIATIVE A* ENERGY TRANSFER % 
TRANSITIONS TO (+B) A+B* 


GROUND STATE 


(+0) 


ELECTRON TRANSFER 


А +D or A «D 


Fig. 9.1 Reaction pathways for an excited state 


Electronic transitions are accompanied by changes in vibrational and 
quantum levels and follow the Franck-Condon principle. This principle states 
that the time required for the electronic transition is so small (10-16 s) that 
the interatomic distance remains unaltered during the excitation. A list of 
the possibilities from the excitation of the molecules is presented in Fig. 9.2. 

1. Curve (a) shows a transition from a stable ground state to a stable 
excited state. There shall be no direct dissociation of the molecule as 
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(c) 


Fig. 9.2 Electronic transitions in molecules (a) stable excited state. 
(b) & (c) excitation leading to direct dissociation and 
(d) predissociation 


tevealed by the electronic spectrum consisting of a series of bands with no 
Continuous region. The excess energy may be dissipated as heat or may give 
tise to fluorescence. But the molecule may retain its energy until it can be 
used chemically by combination with another molecule or by transferring 
the energy to another molecule. 


excitation 


A+ fi ———— A* 
transfer 2 
Аж + B———— А + B* 
energy 
B* ———> Product 


For example, 
UO? 4 лу > UO” 
UO}? + (СООН): > 003? + CO + СО» + H20 
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2. Curve (b) represents a transition from a stable state to an unstable 
state. The vibrational energy of the molecule in the upper electronic state 
exceeds the maximum stability level. The molecule will undergo dissociation 
in its first oscillation. This will show a continuous absorption spectrum. 
The product of dissociation may start a chain reaction. 

For example 


hy 
(i) HI Н +I 
H+ HI>H2 +1 
I+ > 
hy 
(ii) Br2 —> 2Br 


Br + Н = НВг + Н 
Br? + Н > НВг + Br 


3. In curve (с) the electronic excited state is an unstable one. The poten- 
tial energy curve does not show any minimum as in the curve (b). The 
electronic spectrum is continuous throughout. As soon as the photons are 
absorbed, the homolytic cleavage of the bond results in the formation of 
atoms or radicals. The products of dissociation may start secondary 
reactions. 

4. In curve (d), stable and unstable upper levels overlap each other. By 
absorption of light the molecule may be raised to the stable upper level. 
During the course of vibration, there isa chance of the molecule shifting 
from the stable (IT) to the unstable state (ITI). At this point the molecule 
would dissociate producing atoms or radicals. This behaviour is referred to 


as predissociation. The spectrum would show fine structures at lower levels 
of vibrations followed by a continuum. 


Secondary Processes in Photochemical Reactions 


The products of the primary process are involved in this process. The 
secondary process may involve only one step or more than one step. The 
ratio P is the measure of the extent to which the Secondary processes 
influence the over-all yield and is represented by: 


Ё ф number of molecules in the overall reaction 
0 number of molecules dissociated in primary process 


In this process excited states are short-lived (10-9 s) and tend to lose 
energy by the transfer mechanism. There are a number of mechanisms for 


the transfer of (electronic energy) from a donor molecule (D) to an acceptor 
molecule (A). These are discussed in brief, 
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Non-Radiative Deactivation 


In Fig. 9.3 a simplified Jablonski diagram is shown which describes the 
routes of deactivation for a molecule after the absorption of a quantum of 
energy leading to a transition from singlet ground state to singlet excited 
state. Some routes are radiationless (wavy arrows) others do emit a quantum 
of radiation denoted by straight arrows. 


>] 
38 —— — 
ES INTERNAL CONVERSION ———— 
es ттл 
$e д 
Sı 
(SINGLET 
STATE) o 
T: TRIPLET 
STATE) 
INTERSYSTEM CROSSING 
(ISC) 


VIBRATIONAL CASCADE 


So 
GROUND STATE 


Fig. 9.3 Jablonski diagram for the formation of singlet and triplet 
State excitation 


If we study the Jablonski diagram, it reveals that after the primary gu 
tum jump, a series of extremely rapid events takes place. Each electronic 
State also has vibrational levels. The relaxation from higher vibrational 
levels within each electronic state called vibrational relaxation or vibrational 
cascade is very fast (10125-1). A somewhat slower, but still appreciably 
Tapid process is the radiationless transfer of energy of one electronic state 
to the lowest excited singlet state. This process is called internal conversion 
and has a range between 1012 and 106 5-1. 

A similar type of transition from the lowest excited singlet state to the 
Corresponding triplet state takes place. This process is called intersystem 
Crossing and is spin forbidden. tte a 

With triplet states also, the same type of transitions (vibrational relaxa- 
tion, internal conversion and intersystem crossing) takes place. The rate of 
these non-radiative processes is influenced by two factors. 

1. Energy separation The larger the energy gap the slower the rate: 


k(S2 —— $1) > K(Si ~~ > So) 


2. Conservation of spin Transitions between the states of different multi- 
Plicity are “forbidden”. 


k(S2 —~—> 81) > K(S1 ——— Ti) 
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Radiative Deactivation 


When an atom or molecule absorbs radiant energy, it is excited to a higher 
electronic level. An electronic excited atom usually has quite a short lifetime 
(10-9-10-6 s). If it does not suffer any collision with another particle during 
its lifetime, radiative decay (emission of energy from excited atom or mole- 
cule) can occur from excited singlet states (fluorescence) and from an excited 
triplet state (phosphorescence). 


Fluorescence Radiative transitions between states of like multiplicity, i.e. 
the emission of radiation from excited singlet states to ground singlet states 
is called fluorescence. If the absorbing energy is emitted back almost imme- 
diately, within a time interval of about 107$ s, and the fluorescent radiation 
has the same frequency, the phenomenon is termed resonance fluorescence. 


A typical example of the absorption and fluorescence spectra is shown in 
Fig. 9.4(a). 


AE 


Si 
So 


EMISSION 


ABSORPTION 
Fig. 9.4(a) Absorption and emission 


A zm in the figure, absorption takes place from the lowest vibrational 
of the ground state but various vibrational levels of the excited state 
are populated. The emission takes place from the lowest vibrational level of 
the excited State and populates various vibrational levels of the ground state. 
| Figure 9.4(b) shows that the fluorescence spectrum looks like a mirror 
image of the absorption spectrum but shifted to the larger wavelength. This 
is the result of reverse emission character as mentioned above. The emission 
in fluorescence will cease as soon as the light source is removed, 


AE 


ABSORPTION A 


À 
Fig. 9.4(b) Absorption and fluorescence 
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Phosphorescence G.N. Lewis defined phosphorescence as radiative transi- 
tions between states of different multiplicity. In other words the emission of 
radiation due to transition from a triplet to singlet state is termed аз phos- 
phorescence. It differs from fluorescence in the respect that the emission of 
radiation takes place much more slowly and persists for sometime even after 
the light source is removed. Figure 9.5 shows the emission of phosphore- 
scent radiations. 


$i 


т, 


So 


Fig. 9.5 Emission of phosphorescence radiations 


Quenching of Fluorescence А 
When а photochemically excited atom loses its energy by collision with 
other atom or molecule before it has a chance to fluoresce, the intensity of 
the fluorescence may be diminished or stopped. This phenomenon 15 known 
as quenching of fluorescence. Quenching is a special case of energy transfer. 
The following changes are possible as a result of this energy transfer. 
1. A photochemically excited atom may transfer the energy to another 
atom with which it collides, As for example 
Hg + hy > Hg* 
Hg* + Ti -> Hg + Ti* З ; 
2: The deactivation of excited atoms may take place by collision with a 
molecule: 
Cd + hy = Cd* 
Cd* + Н => Cd + H2* 
3. The excited atom may even react with the colliding mole cule: 
Hg* + О: > HgO + О 


4. An excited atom may pass on the energy to the colliding molecule 


leading to dissociation. 
Hg + hy > Hg* 
Hg* -+ Н > 2H + Hg 
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The process of this nature is termed as photosensitization. : 

The quenching of fluorescence depends greatly on the concentration of 
the fluorescent atoms and of quenching substance. Fluorescence is appreci- 
able in liquid media because of very frequent collisions. 

The photochemical importance of quenchers lies in the fact that they are 
used to (I) avoid unwanted reactions, and (2) to get an insight into the 
reactive excited state leading to the reaction products. 


Sensitization Sensitization is also a special case of energy transfer. A com- 
pound does not need to absorb radiation energy directly in order to undergo 
photochemical reaction. If the reactant molecule is in contact with a suitable 
excited species, the excited species will transfer its excitation energy to the 
reactant molecules. The reactant molecules then undergo photochemical 
reactions just as they had acquired the radiation energy directly. A process 
of this nature is known as photosensitization and the excited species is called 
photosensitizer. 
A good example is the conversion of CO; and H20 to glucose in the 
presence of sunlight and using chlorophyll as a photosensitizer. 
chlorophyll 
СО» + H20 + hv ————-> 1/6(CoH1206) + O2 
Criteria for а good photosensitizer 


A good sensitizer isa compound which 
functions efficiently as follows: 


Sensitizer(So) -- hy > Sensitizer(S;) 
m (isc) 

Sensitizer(Si) ——- Sensitizer(T;) 
energy transfer 


Sensitizer(Ti) +- A(So) —————-> Sensitizer(So) -+ A(Ti) 
Thus the following conditions should be met for 


a good sensitizer. 
1. A sensitizer should absorb Strongly at lower wavelengths than the 
reactants. 


2. The excited triplet state (T1) of the sensitizer should be energetically 
higher than that of the reactants, 


3. It should have high efficiency of intersystem crossing (isc). 
Photosensitization plays an im 


portant role in chemical kinetics, Benzalde- 
hyde and benzophenone are ver 


y often used to trap the incident light. 


9.4 EXPERIMENTAL ARRANGEMEN 
PHOTOCHEMICAL REACTIONS 


The rate of a photochemical reaction can be s 
tion mixture with constant intensity monochr 
chemical apparatus and determining the co 
products as a function of exposure time. A s 
tus is shown in Fig. 9.6. In the diagram, L is 
vapour lamp or tungsten lamp emitting radi 
desired spectral range, A is the lens and B is 


T FOR THE STUDY OF 


tudied by irradiating a reac- 
omatic radiation in a photo- 
ncentration of the reactants or 
chematic diagram of the appara- 
the light source such as mercury 
ation of suitable intensity in the 
the filter or monochromator for 
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parallel beams and monochromatic radiation, S is the slit and D is the reac- 
tion vessel. Wi and Ware the windows through which the radiation enters 
and emerges, respectively, from the photochemical cell. R is the detector 
consisting of a photocell or thermopile for determining the intensity of light 
emerging from the reaction cell. 


Fig. 9.6 Apparatus used for the study of photochemical reactions 


The procedure to obtain the amount of energy absorbed in unit time 

is outlined below. 
_ First, the empty cell (made of glass or quartz), or cell filled with solvent, 
15 exposed to the monochromatic radiation and the reading is noted. This 
gives the intensity of incident light in a given time. Next, the cell with the 
reaction mixture is exposed to the radiation and the reading is taken. The 
difference between the two readings will give the total energy absorbed by 
the reacting system in the given time. If this time is one second, the total 
energy absorbed divided by the value of the reacting mixture is /a, the inten- 
sity of the absorbed radiation. 

The rate of reaction is measured in the usual manner. Some quantities of 
samples are removed periodically and its concentration is determined by 
following the changes in some physical property such as absorption, refrac- 
tive index or optical rotation. 


9.5 KINETICS OF SOME TYPICAL PHOTOCHEMICAL REACTIONS 

The unique characteristic of a photochemical reaction is the excitation of 

an individual atom or molecule by the absorption of light energy. The reaction 
A + һу > А* 

represents the primary process. The quantum efficiency of such a process is 

always equal to one. Hence, 


di number of molecules reacting or formed in unit time 
number of quantum absorbed in unit time 


number of molecules reacting or formed in unit time 
Tavs 


—d[AJ/dt 
Tavs 
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Since ф = 1, we have — eM = labs 

This means that the photolysis rate at wavelength A is equal to the inten- 
sity of light. 

Deviation of the quantum yield, $, from unity does not necessarily mean 
the deviation from Einstein's Jaw of photochemical equivalence. It applied 
only to the primary process, and, that in general secondary process takes 
place leading to the formation of stable molecules, highly reactive atoms or 


radicals. It has already been stated that the secondary quantum yield is 
represented by: 


b |. $ number of molecules decomposed or formed in unit time 
0 number of molecules dissociated in primary process 


The secondary quantum yield is a measure of the extent to which the secon- 
dary reaction influences the overall yield. Thus 


$= pà 


If the primary product is a stable molecule, no subsequent reactions will take 
place. In that case P = 1. But ifthe primary dissociation products are atoms 
and radicals, the secondary reaction may take place. Then P will not remain 
unity and may be high or low. 

Hence it is imperative to know the nature of the primary step in order to 
derive a rate law of the overall photochemical processes. Absorption spectra 
of the reactants can be used to establish the nature of the primary products. 
A series of lines in the absorption spectra along with the continuum indi- 
cate the presence of excited molecules which dissociate into highly reactive 
atoms or radicals. 


A large number of photochemical reactions have been studied. The 
mechanisms of a few reactions are discussed. 

1. Decomposition of НІ The decomposition of HI can be brought about 
by the UV radiation of wavelengths 207, 253 and 282 nm, The molecular 
spectra of HI shows a continuum. This indicates that the hydrogen iodide 
molecules are dissociated into anatom of hydrogen and an atom of iodine 
in the primary process as a result of absorption of light of wavelength below 
332 nm. The mechanism may be represented in the following form: 


Tags 

HI + hy —-> H + I 
ka 

H + HI —> H + b 


ky 
I+1I—>h 


Adding these three equations, we get the overall reactions as: 


2HI + Av > Ho + D (9.8) 
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The rate of decomposition of HI is 
d[H 
-H — һь + ынїнї (9.9) 
The rate of formation of hydrogen atoms is: 
Н ра, — Kol IA (9.10) 
Under steady-state approximation, 
агн] . 
dt 
Thus Eq. (9.10) becomes: 
d[H] 
dt 
Adding Eqs (9.9) and (9.11), we get: 
. d[HI] 
dt 


= 0 = ho; — ki HI(HII (9.11) 


— 2labs 


The quantum yield of the reaction is given by: 


bu rate of decomposition of HI 
= "number of quanta absorbed 


—d[HI]/dt i 2labs 
Tavs Tabs 
=2 
This means that the absorption of one quantum of radiation causes the 
decomposition of two moles of HI which is in agreement with the experi- 


mental value. 
The value of quantum yield decreases as the reaction proceeds according 


to reaction, 
ke 
H + kL —— HI +I 
The steady-state approximation for H atom then gives: 


ы _ — 0 = fas — la HIEHI] — ІН] (9.12) 
ca SE aS 
oF [H] = xii + kalo] 
Substituting the value of [Н] in Eq. (9.9), we get: 
ан] _ js Ды; Мазы... 
= GP = fees + LBD pog Ы 


_ ын _ 
= In JEN + x 


Tabs ink " E 
Ala 


\ 
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i 1 
ф = {1 ЕГ (9.13) 
' ke HT] 


Equation (9.13) reveals that the accumulation of molecular iodine retards 
the quantum yield. 

Quantum yield of this reaction in solution is lower than that in gas phase. 

Let us now examine some typical secondary reactions involving chains. 
The photochemical reactions between hydrogen and halogens in visible light 
follow a chain mechanism. But there is a vast contrast in the nature of these 
reactions. 

2. Hydrogen— Bromine reaction The reaction between hydrogen and 
bromine is initiated by a radiation in visible region of wavelength (510 nm). 
The bromine spectrum shows a continuum. Hence, the primary process con- 
sists in the dissociation af the Br? molecules into atoms. The quantum yield 
of the reaction is about 0.02. The reaction proceeds as follows: 

Taps 
Bro + hy ——> 2Br 


and 


Kk. 
Br-- Ho —— HBr + H 
ky 
Н + Br —> HBr + Br 
ү 
Н + HBr —» Н, + Br 


ky 
Br + Br —> Br; 
Applying the steady-state condition to H and Br atoms, 


we get 
dH] |. 
Ca ki[Br][H2] — НВг] — k3tH][HBr] (9.14) 
and 
d[Br] _ 0=2 
dt 0 = 2labs — ki[Br][Hz] + k2| H][Br?] + ks[H][HBr] 
—ka[ Br]? (9.15) 


On adding Eqs (9.14) and (9.15), we have: 


21аьз = kal Br]? 
or 


[Br] = els, (9.16) 


Rearranging Eq. (9.14) and substituting the value of [Br] we get: 
Ki[Br]L H2] = [H](o[Brz] -+ kx HBr] 


Photochemical Kinetics 199 


or 


Ji[BrlHo] __ 
k[Br2] + k3[HBr] 


кїнї /( 4 ) (9.17) 
— kel Br2] + ks[ HBr] 


The overall rate of reaction is the rate of formation of НВг and can be 
represented as: 


1 


LH] 


d[HB " 
gm = lal Br]LHz] + Kot H)EBrz] — ks[HI[HBr] 
= kilBr][H:] + [Hel Bre] — Кэ[НВг]} (9.18) 
Substituting Eqs (9.16) and (9.17) in Eq. (9.18) 
2Tavs r 
Нә] | 25 (o [Brz] — ks[HBr]} 
diHB] _ 25у x aj Tari Ж 
dk cy I ka[Bra] + НВГ] 
EA 21. 2kalBr2] ! 
к TNI 4 lend + [НВП] 
Dividing numerator and denominator by ka[Brz], we get: 
d[HBr] _ 2Ki Hz1Q aos/ Ka) (9.19) 
dt 1 + ks/k:[HBr] 
It is the same rate as obtained by Bodenstein and co-workers in thermal 
reactions. 
Quantum yield for H2—Br reaction is given by: 
me — d[Brz]/dt 
Tavs 
and 
B San. Tavs + k[H][Br2] — ka Br}? 
21s 
кыв) / ta 
= mee ree PN TANE P 
Tavs + Fal Bra] + kal HBr) Ks 
kil Hol / d 
= ам 
| „КНВЫ 
+ k2[ Bra] 
and 
(9.20) 


КА(1/К4)!?ЇН2] (р)! 
i ERBEN 
1+ [Bra 


$ 
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It can be seen that the primary process is the same in both the thermal 
and photochemical reactions. The only difference is that the photochemical 
reactions occur at room temperature, whereas higher temperature is needed 
for thermal reactions. 

3. Reaction between hydrogen and chlorine Тһе photochemical reaction 
of the combination of hydrogen with chlorine proceeds in complete con- 
trast to the hydrogen-bromine reaction. The quantum yield is about 105 
for this reaction in the absence of oxygen, i.e. about 100,000 transformed 
molecules of Cl; and Н» correspond to one quantum of radiation. The pre- 
sence of O» slows down the rate of the reaction and 
yield. 


The accepted mechanism for this reaction in 
ceeds as follows: 


lowers the quantum 


the absence of oxygen pro- 


ky 

С> + hy ——> 2С] 
ky 

Cl + H2—> HCI +- H 
k 

Н + Cb — HCl 4+ H 


ks 
Cl + Cl—+ Ch 
The rate of formation of hydrogen chloride is given by: 
d[HCI] ui 
"dr C KACHA + KHIECI] (9.21) 
The steady-state approximation applied to Cl and H atom gives: 
сї _ , 
ү = 0 fles + АНСЫ — kalCl[H2] — kal Cl]? 


or kilas + ks HI[CI] = ka CI][H2] 4- k4[C1]2 (9.22) 
and 
d[H] 
Eds = 0 = K[CI][H2] — k3[ H]LCI2] 
Or k;[CI][H2] = ks[H][CI2] (9.23) 
Adding Eqs. (9.22) and (9.23), we have: 
kiss = ka[CI? 
= [и 
[CI] JE Tus (9.24) 
Using Eqs. (9.23) and (9.24), the rate of formation of HCI may be written 
as: 
d[HCI] 


а FCIILH2] + ГСН) 


= 2kalCI)(Hs] (9.25) 
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Substituting [CI] from Eq. (9.24) in Eq. (9.25), we obtain: 


d[HCl _ 4, Je 
dt = 2k2 kes IvslH2] 


kV Tas H2] (9.26) 


\ 


where, 2ka jz Sk 
k4 


R. Norrish showed that this equation for the rate of the reaction agrees 
with the experimental data. 

When traces of oxygen are present, the following chain termination 
reaction occurs: 


H + О: => HO?“ 


Cl + 02 — CIO?* 


If these chain breaking reactions are taken into consideration, the rate 
of formation of НСІ will be directly proportional to the intensity of light 
(Iss) instead of the square root of the intensity of light (Tavs! ?). 

4. Photolysis of aldehyde Меге the molecule is first excited to a higher 
quantum level and then it breaks up into its radical leading to a chain 
reaction. The following mechanism has been proposed: 


Tabs 
CH3CHO -|- hv ——> СНз + CHO 
ka 
CH; + СНСНО — СН: + CH;CO 
k. 
CH;CO — CH; + CO 
Ks 
СНз + CH; ——> C2H6 


In the above mechanism CO is formed only in one step. 
Hence the rate of formation of CO is: 


MEO] — ысњсо] (9.27) 
Applying steady-state condition to CH3CO and CH3 radicals, we have: 
d = 0 = Ia CHSICHsCHO] — k:[CH:CO] (9.28) 
aH 0 = Im — kal CHsI[CHsCHO] + ks[CH3CO] 
t 
— 2ks[ CHP (9.29) 


By adding Eqs. (9.28) and (9.29), we get 
Tabs — 2k4CH3P. = 0 


or 2kal[CH3]? = Jas 
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abs M2 
or [СНз] = (25) 


Substituting the value of [CH3] in Eq. (9.28), we get 


1/2 
kal CHsCHOI(F=™) — ks[CH3CO] = о 
2k 


1/2 
ОГ ks[CH3CO] = k[CH;CHO] (= ) 
Substituting Eq. (9.31) in Eq. (9.27) 
d[CO] Mes; fae)!” 
A. = MICHsCHO} G h 
d[CO] 
Quantum yield ($) = . d£. 
Tabs 
— Kaws[2k) 2|] CHXCHO] 
CHO! 


abs 


5. Examples of other t pes of photochemical reactions 


(a) Photolysis of ammonia 
МН; ++ hy —> NH: + H 
NH? + Н — NH + Н, 
NH + NH —. No + Н, 
The recombination process 


NH: + H — NH; 
is also possible. 
(b) Photolysis of acetone 
(CH3)2CO + hy —> СНз + CH3CO 
СНз + СНз —> СН; Ju 
CH3CO + CH3CO —> CH3(CO); 
CH3CO —— CH; + CO 
СНз + CH3CO —-> (CH3)2CO 
The rate of reaction is given by: 


90Сн›2со] = k[CH3I[CHsCO] 


(с) Chlorination of chloroform: 
Ch ——> 2С1 
CI + CHCl ——> CCh + НСІ 


(9.30) 


(9.31) 


(9.32) 


(9.33) 
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CCl; + Cl; — CCls + Cl 
2CCl; + Cl, ——> 2CCh 


9.6 PHOTOCHEMICAL EQUILIBRIUM 


The chemical equilibrium of a thermal reversible process is disturbed if the 
light is absorbed either in the forward or backward reaction. Thus the 
absorption of radiation by the reactant in the forward process will increase 
the rate of forward reaction without altering the rate of reverse thermal 
reaction. But the rate of reverse reaction may increase due to the increase 
in the concentration of products. Ultimately a balanced state is reached 
when the two reaction rates become equal. This balanced state is often 
called a photostationary state. For example: 
light 
2A — > А 
As the product is not photosensitive, the conversion of the product is a 
thermal process: 
thermal 
Аз ———>2А 
light 
At equilibrium: ——* А» 
quilibrium: DA => А» 
thermal 


Jf forward and reverse, both the processes are light sensitive, following 


equilibrium is attained. 


The equilibrium in which one or both the processes are photosensitive 15 


called photochemical equilibrium. ї 
Dimerization of anthracene is one of the best examples to illustrate this 


phenomenon. 
Luther and Weight (1905) studied this reaction. They observed that when 
a dilute solution of anthracene in benzene or toluene is exposed to ultra- 
violet light it dimerises into dianthracene. 
U.V. light 


2C4Hio + hv 2 C2sH20 
Anthracene Dark Dianthracene 


The reaction proceeds as follows: 
ky ч 
СыН + Av > CisHio (excitation) 
Ks 
Сын + СН > CasHzo (dimerization) 
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But the excited molecules may lose the absorbed energy through 
fluorescence: 

ks 


CisHio ——> CisHio + Av (Fluorescence) 


ka 
C2sH20 —> 2Ci4Hio 
Rate of formation of dimer is: 


Сана сынсын] — Саны] (9.34) 


Applying the steady-state principle, the concentration of CisH{o should be 
constant. 


КЛ = ko[CisHioll Cis Hao] — kslCisH fo] 


kiabs 


05 (СН = ka CisHio] + k3 


At the photostationary state, [CosHoo] is constant, hence „Саны! = 0. 
Thus Eq. (9.34) becomes: 
kal Cis HiolCi4 Hio] 

ka 


— _kikzlw[C14H10] 
kaka[Ci4Hio] + kaka 


kilavs 


Кз 

К. mice 
5 [i F kx CisHio] ] 
At high concentration of anthracene, 


[CosH2o] = 


[C2sH20] = iles 
k4 


i.e. when the reaction is at equilibrium, it is independent of the concentra- 
tion of anthracene. This is in contrast to the reaction at the thermal equili- 
brium state where [CisHio] = К [СН]. Another example of photo- 
chemical equilibrium is the decomposition of sulphur trioxide 
light 
280; 373 280; + O2 
light 


WORKED EXAMPLE 


Example 9.1 Calculate the frequency and energy of ultraviolet radiation 
having wavelength of 3000 A (3 x 10-5 cm). [c, speed of light in vacuum] 
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Solution 
3 x 101? cm/sec 
= cÀ = = 
у 3x10 ст 
= 1 1015 cycles/sec (or Hz) 
and 


E = hy = (6.62 x 107?? erg sec) X (1 x 10!5 Hz) 
= 6.62 x 10!? erg 
Example 9.2 At 460 nm a blue filter transmits 72.7% of light and a yellow 


filter 40.7% of the light. What is the transmittance at the same wavelength 
of two filters in combination? 


h 


b U-—-— —— m 
Blue Yellow 
Solution 
In 
To 0.727 
and 
Тәу "ti 
oak 0.407 
h hot 
2 — 2y 1 = 0.727x 0.407 
Th n хт; 0.727х 0.40 
= 0.296 


Example 9.3 On passing monochromatic light through a 0.04 M solution 
in a cell 2 cm thick, the intensity of the transmitted light was reduced to 
50%. Calculate the molar extinction coefficient. 


Solution Given I[Io = 0.5 


1 


S о e 5 
i gno Ur (бй? 1980 


= 3.761 mol“! cm 


ain substance in a cell of length / absorbs 10% of the 


Example 9.4 A cert o 
f the incident light will be absorbed in a cell 


incident light. What fraction о 
five times as long? 


log (4), =ecl, 
where (7), = 0:9 


— e cil) 


S 
са 
— 
БЫШ 
М 
w 
\ 
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Ji 
log E 5xlog 0.9 — 1.771 
[ 
— = 2 
To 0.5902 


Hence light absorbed is 40.98%. 
Example 9.5 For the photochemical reaction A — B 1.0 10-5 mol of A 
was formed on absorption of 6.62: 107 ergs at 360 nm. Calculate the 
quantum yield. 
Solution Ы 

No. of moles reacting = 1.0 х 10-5 х 6.02 х 1023 mol 

= 6.02 х 10! molecules 
No. of quanta absorbed = Total energy absorbed 
Energy of one quantum 
— 6.62 x 107 ergs 
hy 
— 6.62 X 107 x 3600 x 10-8 
6.62 х 10723 x 3 x 1010 

= 1.2x 10! 


6.02 x 10!8 


1.2x 1019 = 0.5016 


Quantum yield = 


PROBLEMS 


1. Calculate the energy of a photon corresponding to a wavelength of 360 nm. 
| (Ans. 0.55% 10-11 erg) 
2. Calculate the energies of the photons of various radiations, 
3. Electromagnetic waves 10 A Jong are classified as X-rays. Classify radiation 
which has the following properties. 


(a) 8x105 cm (b) 280 MHz (с) 5x 10* microns 
(d) 3x10? cmt (e) 6000 A (f) 8000 nm 
(в) 1.5x 10" Hz (h) 1 metre. 
4. A dye solution containing 1 g/100 ml transmitted 60% of the blue light in a cell 
1 cm thick 


(a) What percentage of light would be absorbed by a solution containing 2 g/100 
ml in the same cell? 
(b) What should be cell thickness so that 90% of the light is absorbed by the 
original solution? 
(Ans. 6495, 10.3 cm) 


10, 


12), 
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- A substance when dissolved in water at 10-2 M concentration absorbs 10% of an 


incident radiation in a path of a 1 cm length. What should be the concentration of 
the solution in order to absorb 90% of the same radiation? 
(Ans. 0.0218 M) 


- At 515 nm a 0.01 M solution of a dye (X) produced an absorbance of 0.80 and a 


0.02 M solution of another dye (Y) produced an absorbance of 0.20. At 635 nm 
the same solution of X gave an absorbance of 0.15 and the same solution of Y 
gave an absorbance of 1.0. A mixture of X and Y had an absorbance of 0.55 and 
0.825 at 515 and 635 nm, respectively. 
Calculate the concentrations of X and Y in the mixture. 
(Ans. [X] = 0.005 M 
[Y] = 0.015 M) 


- The photodecomposition of HI vapour was carried out with А = 2070 


radiation. Absorption of each calorie gave 1.44x 10-58 of Ha. What is the quantum 
yield? (Ans. 2) 


. Ethylene iodide was irradiated with light of 424 nm for 20 minutes. It was found 


that iodine formed at the end of this time required 41.4 ml of 0.0025 mol I-? 
solution of Naz S.O;. The intensity of the light source was 9.15x10-* Js“, Cal- 
culate the quantum yield assuming absorption of the energy was complete. 

(Ans. 13.225) 


- An uranyl oxalate actinometer is irradiated for 15 min with light of 4350 À. At 


the end of this time it is found that oxalic acid equivalent to 12.0 ml of 0.001 M 
KMnO, has been decomposed by the light. At this wavelength the quantum 
efficiency of the actinometer is 0.58. Determine the average intensity of the light 
used in (a) ergs per second, and (b) in quanta per second. 
(Ans. (a) 1.58x 105 ergs s! 
(b) 3.46 x 107 quanta 5-1) 
Absorption of UV radiation decomposes acetone according to the reaction 


hy 
(CH;), CO -> С.Н, + CO 


The quantum yield of the reaction at 280 nm is 0.2. A sample of acetone absorbs 
monochromatic radiation at 280 nm at the rate оѓ 7.50x 10? J s. Calculate the 
rate of formation of CO. 

(Ans. 3.5X10-® mol 571) 


- Derive the expression for the quantum efficiency of decomposition of chloroacetic 


acid for which the following mechanism has been proposed. 
CICH,COOH + лу -> CICH,COOH* 
CICH,COOH* + H,O -> HOCH;COOH + НСІ 
In the photochlorination of trichloroethylene, the following mechanism has been 
proposed. 
Cl, + hv > 2C1 
Cl + CHCl: > ‘CHCl 
СНС; + Cl > С,НСЬ + Cl 
2°CgHCl, > product 
Derive the rate expression. 


;HiCls 
(ans. Semen l- Kis сы) 


Appendix—l 


ABBREVIATIONS AND RECOMMENDED VALUES OF 
SOME FUNDAMENTAL CONSTANTS AND NUMBERS 


Constant CGS Units SI Units 


N, Avogadro constant 


6.0221 х 10% 6.0221 x 10?* mol"? 
molecules mol-* 
c, Speed of light in vacuum 2.9979 x 101° cm/sec 2.9979 x 108 т 571 
h, Planck constant 


6.62618 x 10-7 erg sec 
8.31441 Joules 
(degree K)7* mol?! 
0.08205 litre-atm 
(degree K)-? то1-1 
1.987 cal deg! mol-! 


6.6262 x 107* J s 
8.31441 Pa m? K^! mol"? 


R, Gas constant 


8.31441 K Pa IK7? 


8.31441 M Pa cm? 
K^! mol! 
1.38066 x 10716 erg 1.3806 x 1072 


(degree К)" molecule? JK" 
V, Standard volume of an 22.414 litres 


22.414 dm~? mol"? 
ideal gas (at 0°C and 1 


k, Boltzmann constant (R/N) 


standard atmospheric 
pressure) 


Appendix—ll 


CONVERSION FACTORS AND RELATIONS 


Tc 

1°F 

1 litre 

1 Angstrom, 1A 


Тат 
1 calorie 
1 Joule 


lev 


1 em?! 


= 273.15 К 

= 0.5556°С 

= 1000.028 ст? 

= 1075 cm 

= 10710 т 

— 0.1 nm 

= 101325 Pa 

= 760.0 torr 

= 4.184 J 

= 10’ erg 

= 9.8691 cm* atm 
= 0.23901 cal 

= 1.602189 x 1071? J molecule^* 
= 96.485 kJ то!" 
= 8065.5 стт! 

= 1.986x 1072? J molecule"! 
= 11.96 J mol"? 
= 1.240 x 107* eV 
= In, 10-logiox 
= 2.303 logyox 

= log, e In,x 

= 0.4343 In,x 
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